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An investigation of vapor-liquid equilibrium was 
made of aliphatic alcohol-aryl hydrocarbon solutions# Ex­
perimental data for the vapor-liquid equilibrium composi­
tions and equilibrium temperatures at a constant pressure 
of one atmosphere were collected over the entire composi­
tion range for the binary systems: toluene-n-butanol,
ethylbenzene-n-butanol, n-propylbenzene-n-butanol, benzene- 
sec-butanol, toluene-sec-butanol, and ethylbenzene-sec- 
butanol# A Jones, Schoenborn, and Colburn designed equili­
brium still of pyrex glass construction was used for 
obtaining the data. Data for the benzene-normal alcohol 
series through n-pentanol collected at these laboratories 
by Gautreaux, Wehe, and Arnold*75 are also included for dis­
cussion.
Deviations of these solutions from ideality were 
reported as activity coefficients and as excess free energies 
of mixing. All the systems showed non-ideal behavior. The 
degree of non-ideality for binary systems of the aryl hy- 
drocarbon-alcohol series was approximately the same for 
all the members of the aromatic series when used with the
same alcohol. The degree of non-ideality for binary systems 
of the benzene-normal alcohol series decreased uniformly as 
the molecular weight of the normal alcohol Increased. For 
the five systems for which data were available the maximum 
value of G®/2.303 RT was a linear function of the number of 
carbon atoms In the alcohol.
The Wehe-Coates*^ method of correlation applicable 
to homologous series was further tested for the systems for 
which experimental data were collected with good results.
The excess free energy and the ratio of the activity 
coefficients were correlated with composition for each binary 
system employing the empirical Redlich and Kister equations. 
Three-constant equations expressed the data adequately.
Each constant was found to vary practically linearly with 
the number of carbon atoms comprising the homolog for binary 
systems of the homologous compounds with a common dissimilar 
component. The linear relationship held for both cases of 
binary solutions of homologous normal alcohols with a com­
mon aryl hydrocarbon component and binary solutions of homo­
logous aryl’hydrocarbons with a common aliphatic alcohol 
component. This relationship can be used in predicting 
vapor-liquid equilibrium data for a system comprised of a ' 
homologous compound and a common component, if data are 
available for at least two other compounds of the homologous 
series and the common component.
x
INTRODUCTION
The wide utilization of distillation and similar 
contacting equipment in the chemical industry demands re­
liable vapor-liquid equilibrium data to efficiently design 
and operate such apparatus. Many distillation problems, 
particularly azeotropic and extractive distillation, in­
volve materials of dissimilar chemical nature, and this 
has stimulated the investigation of vapor-liquid equili­
brium for non-ideal systems. However, since the determina­
tion of experimental data for any system under the exact 
conditions of later use is time consuming and in many cases 
too difficult to be practicable, a theoretical background 
of solutions is needed to determine convenient methods of 
evaluating and extending data on vapor-liquid equilibria. 
For ideal solutions the phase equilibrium data can 
be readily calculated from the properties of Lhe pure com­
ponents, but in the case of non-ideal solutions there is 
at present no way to predict quantitatively the deviations 
from ideality in the absence of experimental data. More­
over, a completely satisfactory and generalized correla­
tion for data under various conditions has not been 
postulated yet. The usual approach to correlation Is
xi
through evaluation of deviations from ideal solutions em­
ploying equations based on thermodynamic considerations.
These deviations are usually reported as activity coef­
ficients or as the excess free energy of mixing.
Thermodynamic analysis Is very valuable In corre­
lating vapor-liquid equilibrium data. Thermodynamic con­
sistency gives strong evidence of equilibrium} although 
consistent data may be incorrect, inconsistent data can 
not possibly be correct. Thermodynamic consistency should 
always be used as a guide in the smoothing or extension of 
available data. The Gibbs-Duhem equation which expresses 
the necessary conditions for phase equilibria and is strictly 
applicable only for constant temperature and pressure is 
frequently employed as a test of thermodynamic consistency. 
Consequently many investigators have developed integrated 
forms of the Gibbs-Duhem equation for correlating data.
These equations invariably contain constants of integra­
tion which are independent of composition but do vary with 
temperature. Also empirical equations with no firm thermo­
dynamic basis have been employed for correlating the devia­
tions from ideality with the composition.
This work is concerned with the study of vapor- 
liquid equilibrium for binary solutions comprised of mem­
bers of the homologous series of aliphatic alcohols and aryl 
hydrocarbons. The systems specifically studied were comprised
xii
of a normal or secondary aliphatic alcohol as one com­
ponent and benzene or a n-alkylbenzene as the other com­
ponent* Data have been obtained at a constant pressure 
of one atmosphere over the entire composition range for 
each system studied* A thermodynamic analysis of the data 
was undertaken, the deviations from non-ideality were ex­
pressed quantitatively, and correlations were made by 
several methods*
This study is a part of a continuing research 
program on vapor-liquid equilibrium at these laboratories 
and contributes, it is felt, toward a better understanding 





When two liquids oomposed of molecules of similar type 
end sis# ere mixed It ie often possible to prediet closely the
s
properties of the resulting solution from the properties of 
the pure constituents end the amounts of these In the solution. 
Since the two molecular species ere similar physically end 
chemically, the interactions among the molecules in the solu­
tion are essentially the sesie as in the case of the pure con­
stituents. It follows that physical properties such as the 
refractive index, density and vapor pressure may be averaged 
and that the change in volume upon mixing and the heat of 
mixing are practically aero. The limiting case where both 
the volume change and heat of mixing are zero leads to the 
concept of the ideal solution. A rigorous thermodynamic defi­
nition of an ideal solution will be given in the following 
chapter. For conditions of low pressure ideal solutions 
follow Raoult'a law and Raoult's law will suffice for the 
present illustrative purpose. In terms of the vapor pressure, 
a most significant physical property in the study of vapor-
11quid equilibrium, Raoult's law may be written asi
P • ** (l)
p ■ partial praaaura of Tapor of component* 
z ■ mol fraction of eoaponant in liquid solution*
P ■ rapor praaaura of pure eoaponant at conditiona of 
solution*
It followa, therefore, that in an ideal aolution which 
follow* Raoult's law the partial pressure of each eoaponant la 
proportional to Ita nol fraction in the given aolution at all 
concentrations* Vapor-liquid equilibrium la thua readily cal­
culated for ideal solution* from the properties of the pure 
components*
Juat as there is no ideal gas, the properties of the 
ideal solution are not possessed by any actual solution. The 
ideal solution is approached by organic isonars and solutions 
of isotopes and closely approximated by solutions comprised 
of similar compounds such as benaene and toluene* However, 
the concept proves useful as a standard to which the behavior 
of real solutions can be related* Experimental evidence has 
shewn ideal solutions to be rare and most solutions are non- 
ideal, exhibiting deviations of various magnitudes from Raoult's 
law* These deviations may be either positive, giving a greater 
partial pressure than calculated by Raoult's law or negative, 
with a lower partial pressure than calculated by Raoult's 
law* Positive deviations may be great enough to lead to 
minimum-boiling aseotropes, while negative deviations tend 
to give naxlmtue—boiling aseotropes* The likelihood of aseotrope 
formation is dependent on the difference in boiling points of
the pure components; the closer the boiling points the less 
the magnitude of the deviations necessary for the azeotrope 
formation. The magnitude of the positive deviations may be­
come large enough to cause immlscibillty of the tvo com­
ponents and the formation of two liquid phases. Negative 
deviations are indicative of high solubility and possibly 
chemical combination of the two components.
An insight into the cause of the deviations from 
ideal behavior may be gained by considering the various types 
of molecular interaction in the pure liquids and solutions.
The three principle types are: (1) the interaction between
non-polar molecules which is the result of "dispersion" forces, 
(2) the interaction between dipoles, or a dipole and an in­
duced dipole and (3) the interaction of hydrogen bonding.
Interaction between non-polar molecules is the result 
of "dispersion" or "van der Waals" forces which vary inversely 
as approximately the sixth power of the distance between in­
teracting molecules.These forces are therefore, "short 
range" in nature as is expected in liquids. Hildebrand88 
has used the internal pressure of non-polar liquids as a 
measure of these interaction forces and a criterion for pre­
dicting deviations from ideal behavior for non-polar solutions.
In polar compounds there may be interactions between 
two dipoles, or a dipole and an induced dipole. Thus a polar 
molecule may be capable of inducing a dipole in a polarisable 
molecule and interacting with it. As for the case of non-polar
Interactions these forces are "short range."
Hydrogen bonding is possible between compounds con­
taining a hydrogen atom attached to a strongly electron- 
attracting atom or group and other compounds with strongly 
electron-attracting atoms or groups present in the solution* 
Ihe bare proton of the active hydrogen Is so small that It 
can come very close to a second negative or donor atom.
Active hydrogen atoms are exhibited by the haloforms, chlori­
nated paraffins with two alpha chlorine atoms and chlorinated 
paraffins with one alpha and one or more beta chlorine atoms* 
Donor atoms are oxygen, nitrogen, and fluorine and a wide 
variety of esters, ketones, aldehydes, ethers and tertiary 
amines as well as alcohols and acids are known to function 
as donors. The energy of the hydrogen bond is very large 
when compared to other intermolecular energies and has a
value of 2-7 kllocalories per gram mole.
28Hildebrand from theoretical considerations and a 
study of solutions composed of various types of compounds 
formulated the following rules for predicting deviations 
from non-ideality: (1) non-polar liquids with equal internal
pressures obey Raoult's law, (2) a difference in internal 
pressures, with non-polar liquids, produces a positive devia­
tion from Raoult's law, (3) a polar and non-polar liquid show 
strong positive deviations and (4) two polar liquids may show 
either positive or negative deviations, usually positive with 
considerable difference in polarity and negative when both
are highly polar*
Swell, Harrlaoa and Barg16 have divided all organic 
compounds into five classifications according to thalr hy- 
drogan bonding potantial* It Is than posslbla to ganarallsa 
ragardlng binary systaas coaposad of combinations of thasa 
classas* Thus, by assigning two liquids to thalr proper hy­
drogen bond classas, the nature of the deviations from ideal­
ity and the likelihood of aseotrope formation may be pre­
dicted.
This reasoning is based on the fact that in a mixing 
process the breaking of hydrogen bonds requires an absorption 
of heat and consequently leads to a positive deviation from 
Raoult's law. If hydrogen bonds are both broken and formed 
in the mixing process it is the net effect that dictates the 
deviation. The results of Swell al tend to augment the 
rules advanced by Hildebrand. In the case of both differences 
in internal pressure and hydrogen bonding there may be com­
pensation of effects, but the latter effect tends to pre­
dominate*
Several conclusions may be drawn from the above 
generalizations, namelyt Two non-polar liquids form solu­
tions with positive deviations from ideality that are roughly 
proportional to the difference in their internal pressures.
A solution of a polar and non-polar liquid tends to give a 
positive deviation from ideality since the polar liquid may
associate la tha para atata and hydrogen bonda ara only broken 
on nixing* Tha nixing of two polar llqulda nay produce either 
negative or positive deviations aince hydrogen bonda ara both 
broken and formed. If tha hydrogen bonda formed are greater 
than for thoae of either pure liquid there will be a negative 
deviation from ideality.
The above rulea aerve only aa a qualitative guide 
for predicting the deviatlona occurring for varloua binary 
ayatena. Experimental data are needed to quantitatively de­
termine the deviatlona. Predlctlona baaed on hydrogen bond 
formation are only aa sound aa the aaaunptlon of the pre­
dominance of heat effects in determining non-ideality. Since 
heat effects do predominate in general) the predictions are 
usually sound. However, In the case of molecules of very 
great difference in size and shape the effects due to the 
excess entropy of mixing may become controlling. Experiments 
with high polymer solutions have shown large negative devia­
tions from Raoult's law.
The quantitative effect of temperature on the magni­
tude of the deviation from non-ideality will be discussed in 
the following chapter, but qualitatively speaking it is an 
experimental fact that aa the temperature la increased most 
liquid solutions tend toward ideal behavior whether they ex­
hibit positive or negative d e v i a t i o n s . I n  general as is 
borne out by the concept of hydrogen bonding and the resulting
heat effects, the conclusion can be drawn that upon nlxlnf 
two liquid* there la an absorption of heat for those exhibit­
ing positive deviations and an evolution of heat for those 
exhibiting negative deviations.
In this present study of vapor-liquid equilibrium 
for aliphatic alcohol-aryl hydrocarbon solutions all the 
systems investigated consisted of solutions of both polar 
and non-polar molecules. All systems gave relatively large 
positive deviations from Ideality with minimum-boiling 
aseotropes being formed for systems of close boiling com­
ponents. However, the deviations were not great enough to 
cause inmlsclbillty and all the liquids were mutually soluble 
over the entire composition range. The deviations were de­
termined from analysis of vapor-liquid phase composition and 
changes in volume or heats of mixing were not measured directly.
CHAPTER II
THBBM0DIV1MIC FUJTCTIOEB H D  QUANTITATIVE M U 8 U H M  OP
E O E -ID K A U T T
In rapor-liquid equilibria experiments, the com- 
positions of vapor and liquid in equilibrium at known tem­
peratures and pressures are determined. Expression of the 
deviations of solutions from ideality and the correlation of 
the vapor-liquid data can be accurately done through the use 
of thermodynamically defined quantities. In this manner, it 
is possible to test the data for thermodynamic consistency 
and possibly minimise the experimental effort needed to ar­
rive at definite conclusions. It is the purpose of this 
chapter to present thermodynamic functions and relations 
useful in analysing vapor-11quid equilibrium data.
An Important concept in the application of the thermo­
dynamics of solutions is th«t of the "fugaclty" of a component 
of the solution. The fugaclty of a component in solution is 
a qualitative measure of the escaping tendency of that com­
ponent from the solution. If the fugaclty of a component in 
a system is higher in one phase than in another the component 
will tend to escape from the phase of higher fugaclty until 
equal fugacitles are established in each phase. The fugaclty 




* fugaclty of component one at taaparatura T. 
TŜ  - partial aolal fraa energy of eoaponant ona at
temperature I.
Tha partial aolal fraa energy la tha ohanga In fraa 
anargy of tha aolution upon tranafor of ona aola of tha com­
ponent indicated at conatant composition, taaparatura and 
praaaura and haa tha aaaa value in every phase of a eyetea 
at equilibrium. Thus it follows by aquation (1) that for 
two phalbs In equilibrium tha fugacity is the same in each.
Another thermodynamic property related to tha fugaclty 
and hence alao tha fraa anargy la tha activity, designated by 
Tha activity of a eoaponant in solution la defined aa 
tha ratio of tha fugaclty of the eoaponant in aolution to tha 
fugaclty of that component in a chosen standard state at tha 
saaa temperature. Thus,
f * fugaclty in solution.
f° 11 fugaclty in standard state at tha saaa taaparatura. 
Combination of tha Integrated fora of aquation (1) 
and aquation (2) yields tha relation between tha activity 
and tha partial aolal fraa energy.
(2)
5-5*= AT I** (3)
13 s partial aolal fraa energy In the given state at 
taaparatura T.
0° * partial aolal fraa anargy In tha standard state 
at tha saaa taaparatura T.
For vapor-llquld equilibria work, a convenient stan­
dard state for each eoaponant in the liquid phase Is the pure 
liquid at the pressure and taaparatura of the solution; and, 
slallarly tha standard state for each component In the vapor 
phase Is tha pure vapor at the teaperature and pressure of 
the solution. Thus the activities of the pure components are 
unity and the activity of the component In the solution is a 
measure of the deviation from ideality. Actually this is a 
variable standard state since In the case of constant pres­
sure vapor-llquld equilibrium, the teaperature of the solu­
tion varies with composition, or when Isothermal the pressure 
varies with composition.
In order to relate the activity to composition the 
activity coefficient,/, in terms of mol fraction is defined 
as followst
(4)
a = activity of the component in solution.
N - mol fraction of the component in solution. 
Thus, for component one in the liquid solution:
(5)
x^ * mol fraction of cosponent one in the liquid.
And for component one in the vapor solutions
(6)
y^ * mol fraction of component one In the vapor. 
Combining the above definitions ve may now relate 
vapor and liquid compositions at equilibrium to thermodynamic 
quantities. Dividing equation (5) by (6) there results*
However, from the discussion of fugaclty at equili­
brium the fugacities in the vapor and liquid phases are equal
This is a thermodynamically exact expression re­
lating activity coefficients and the vapor and liquid com­
positions at equilibrium. The activity coefficients are 
well suited for correlating deviations from ideality since 
they vary less with temperature and composition than the 
activities. Generally the activity coefficient for the vapor 
phase, (X/, > is taken as unity. This assumption which is 
equivalent to assuming the vapors form an ideal solution is 
well justified at all conditions except near the critical 
point of the solution and in the infrequent case of associa­
tion in the vapor phase.
fugaclty is accomplished by its relation to pressure, employ­
ing the thermodynamic function relating the change of fugaclty 
with pressure at constant temperature Hougen and Watson36 give
&  =,(X ). x , Mi, (t'k m
and w t - d .  Thus equation (7) reduces to:
(8)
An explanation is in order regarding evaluation of 
the fugacities in the standard state. Evaluation of the vapor
th« following expression relating tho fugaclty of a para eoa- 
ponent in tha gaseous atata to lta praaaura t
*  a total praaaura*
f - fugaclty of tha pura gaa at taaparatura T. 
a ■ compressibility factor, a for ona mole of pura
If data ara available which relate a to praaaura and taapara­
tura for tha pura gaa, auch aa a aultabla aquation of atata, 
aquation (9) aay ba Intagratad graphically or analytically 
and tha fugaclty of tha pure gaa at any choaen teaperature 
and praaaura evaluated. However, particularly In tha caaa 
of organic vapora, these data are not available* Hougen and 
Watson*^ employing tha concept of corresponding atataa, have 
conatructed plota of a aa a function only of reduced tempera­
ture and reduced praaaura, ualng available data for aavaral 
Inorganic and organic gaaaa* Ualng tha values of z these 
authors have constructed the aore practical plota for the 
present purpose of {  solely aa a function of the reduced 
tenperature and the reduced pressure* The tern { l a  the 
"fugaclty coefficient" and denoted by V .  For Ideal gaa 
behavior, V  is unity and f • . Therefore, by the use of
these generalised plota the fugaclty of any pure gas can be 
calculated at any tenperature and pressure from a knowledge 




The fugaelty of the liquid Is evaluated by using the 
principle that the fugaelty of a pure liquid is equal to that 
of the pure vapor in equilibrium vlth It at the temperature 
and vapor pressure of the liquid* This fugaelty of the 
liquid is corrected for the effect of pressure by the same 
basic consideration vhlch lead to equation (9) for pure gases* 
The expression 1st
|» &  s C«-M (10)♦r *T
tff 9 fugaelty of the pure liquid at pressure* and 
temperature T*
fp • fugaelty of the pure liquid at a pressure equal 
to the vapor pressure, P, of the pure liquid at 
temperature T.
Vn = mean molal volume of the liquid from pressure ̂  
to P.
Since the magnitude of the pressure correction on liquid 
fugacltles Is small and liquids are approximately incompres­
sible until the critical temperature Is approached the mean 
value of the molal volume is satisfactory* Thus the fugaelty 
of the vapor at a pressure equal to the pure liquid vapor 
pressure at temperature T is calculated by the method for 
evaluating fugacltles of gases previously described* This 
value is equivalent to the fugaelty of the pure liquid under 
Its vapor pressure and equation (10) Is then used to calcu­
late the liquid fugaelty at pressure *tt •
Utilising equation (10) and the definition of the 
fugaelty coefficient the fugacltles corresponding to the
standard states may be expressed ass
(f*) > \ti ir (ll)
* «/? P e ~  (is)
(f )v = fugaelty of the component In Its standard
state as a gas (pure vapor).
(f°)̂  = fugaelty of the component in its standard
state as a liquid (pure liquid).
The subscripts on the fugaelty coefficients denote the pres­
sure to be used in calculating the reduced pressure.
Combining equations (11), (12) and (8) gives the 
readily applicable relationship for calculating activity 
coefficients from vapor-liquid equilibrium compositions, 
the total pressure and properties of the pure components 
using the generalized fugaelty coefficient charts. A similar 
expression exists for every other component.
&  =
At low pressures, where the fugacity coefficients
*■>?»-v
are unity and C approaches unity and assuming the
vapors to be an ideal solution equation (13) simplifies to:
d4)
Under pressures near atmospheric equation (14) closely ap­
proximates equation (13), but for high pressure conditions 
equation (13) should be employed.
An ideal solution results when the activity coefficient 
of each component is unity. Lewis and Randall^ have pro­
posed the follcwing rigorous thermodynamic definition of an 
ideal solution:
f * Nf° (15)
f * fugaelty of the component In the Ideal solution.
H = mol fraction of the component In the Ideal solu­
tion.
f° ■ fugaelty which the pure component has at the 
conditions of the solution.
This is the Lewis and Randall fugaelty rule which 
states that for ideal solutions the fugaelty of each component 
is proportional ,to Its mol fraction at all concentrations and 
all tenperatures and pressures. It can be shown thermody- 
nanically that for the preparation of an Ideal solution from 
Its pure components at constant temperature and pressurei 
(1) the volume of the solution is the sum of the volumes of 
the pure components and (2) the enthalpy of the solution Is 
the sum of the enthalpies of the pure components.
In regard to the converse of this rule Van Ness71 
has shown that for solutions exhibiting negligible volume 
changes of mixing at all concentrations, even over a wide 
range of temperatures, the Levis-Randall rule may not be 
valid and the heat of mixing not sero. In order to test 
the ideality of a solution by volume and heat effects, both 
the volume change of mixing and the heat of mixing should be 
measured at various concentrations and temperatures.
A thermodynamic relationship useful in testing vapor- 
llquld equilibria data for consistency Is the Gtlbbs-Duhem 
equation. The Glbbs-Duhem equation is a rigorous thermo- 
dynamic expression of the necessary conditions for phase
equilibrium of a closed system at constant temperature and 
pressure. It vas first derived by J. Willard Gibbs20 in 1875 
and later, Independently by P. Duhem^-4 in 1886i The change 
In free energy, G, in a homogeneous phase as a function of 
the temperature, T, the pressure,it, and the number of moles 
of each component present, n^, n^, ••• is:
*
Imposing the conditions of constant temperature and pressure 
equation (16) reduces to:
/ » <+ * * " (17)
Integration of equation (17) at constant composition such 
that the partial molal free energy tornis are constant yields: 
£ - 6, 1c, + (5 *̂4 " • ' (18)
Differentiation of this equation yields:
* &  d*l ♦ "l ̂ 5  + &  -f *4 '*'•••• (19)
Equating equations (17) and (19) gives the important Gibbs- 
Duhem relation:
7lt dib\ + dibx + ^ ^ (20)
From equations (3) and (20) the GIbbs-Duhem equation may be 
written in the following form:
ri| /h dLt + 7l\. Ji In + "•♦ =: O (21)
It is desirable in using this expression to check thermody­
namic consistency of vapor-liquid equilibrium data to ejqpress 
the Gibbs-Duhem equation in terms of activity coefficients 
since they vary less with change in composition than activitie
Dividing equation (21) by the total moles to convert to a mol 
fraction basis and remembering that t + xg♦•■•* = 1 
and dxi + dX2 *“,,= 0 equation (22) may be derived.
Regarding the mol fraction of component one as the main vari­
able equation (22) may be rewritten ast
This form of the equation for binary systems is particularly 
useful as it relates the change of the logarithm of one activ 
ity coefficient with composition to the change of the 
logarithm of the other with composition. If one activity 
coefficient is known as a function of composition the other 
activity coefficient thermodynamically consistent with the 
first one may be calculated by integration of the equation.
at conditions of constant temperature and pressure in which 
case the composition cannot vary and the system remain in 
equilibrium. However, the errors involved in the use of this 
equation over small temperature and moderate pressure ranges 
are usually slight.
conditions of constant temperature and varying pressure and 
also conditions of constant pressure and varying temperature. 
Their results for binary systems are summarized as follows!
X| JL /a + Xi #1/* Yt + •••■ = 0 (22)
(23)
The Gibbs-Duhem relation is strictly applicable only
37Ibl and Dodge0' have derived relationships valid for
T constant.(24)
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J L U>I _ - A H m  A T  , ,
A  I**1 “ A  (**» pi"T* 5T7i » constant. (25)
4V„ ~ volume change of mixing (per mole of solution).
4H|| * integral heat of mixing (per mole of solution).
The thermodynamic quantity, "excess free energy," may 
be used in the derivation of relations expressing the logarithm 
of the activity coefficient as a function of composition. Ex­
cess free energy has been defined by Scatchard.6-*- It is the 
free energy change which occurs upon mixing over and above 
that change In free energy which would occur if an ideal 
solution were formed. Hence, like the activity coefficient, 
it is a quantitative measure of non-ideality.
The free energy change which occurs upon mixing the
pure components, AG^, Is given by the following equations
- £lU.<& (26)
JniG1 = G, the total free energy of the solution 
at pressure*1 and temperature T.
i nlG°i = total free energy of the pure components 
at pressure ^  and temperature T.
Utilizing equation (3) the following equation results for
the solutions
A  G m  * + «t£*u I. K' (g?)
The first term on the right hand side of equation (27) is the 
free energy of mixing of an Ideal solution and the second 
term is designated as the excess free energy.
6* * ftT ^  (28)
For an ideal solution all the component activity co­
efficients are unity and the excess free energy is obviously 
zero. In the case of binary solutions the excess free energy 
approaches zero at infinite dilution in accordance with the 
fact that dilute solutions approach ideal behavior. This is 
ideal behavior considering the solution as a whole and occurs 
because the quantity and properties of the solvent predomi­
nate. The solute usually shows its greatest deviations from 
ideality as It becomes infinitely dilute and Its activity 
coefficient approaches a limiting value which Is usually 
a maximum value.
Differentiation of the excess free energy with re­
spect to composition gives relations between the excess free 
energy and the activity coefficients that have proved useful 
in the correlation of vapor-liquid equilibria data. Partial 
differentiation of equation (28) with repsect to component 
one gives:
3y utilization of the Gibbs-Duhem relation valid at condi­
tions of constant temperature and pressure equation (29) 
simplifies to the following relation between partial molal 
excess free energy and the activity coefficient:
<o* 9 RT \*T% (so)
Dividing equation (28) by the total moles gives the 
excess free energy per mole of solution.
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Gfa RTZ^i fwli * ftT Cx, l*T» + X* h» K '♦“*•• *) (31)
Partial differentiation of the equation with respect to mol 
fraction of component one and application of the Gibbs-Duhem 
relation results ins
(24r) a ftT ( i*i[ * Tit (32)
For the case of a binary solution equation (32) reduces toi
( 2 4 )  = ftT /* *//* (33)
The excess free energy is related to the excess
enthalpy of mixing and the excess entropy of mixing by the 
following thermodynamic relation:
(34)
0s * excess free energy of mixing; the free energy 
change which occurs upon mixing in excess of 
that change which would occur if an ideal solu­
tion were formed.
H8 = excess enthalpy of mixing; the enthalpy change
which occurs upon mixing In excess of that change 
which would occur if an ideal solution were 
formed.
SE = excess entropy of mixing; the entropy change 
which occurs upon mixing in excess of that 
change which would occur if an ideal solution 
were formed.
Since the change of enthalpy upon mixing an ideal 
solution is zero it follows that the excess enthalpy of mix­
ing is equal to the heat of mixing.
H*« A H m  (36)
Thermodynamic considerations show that the excess 
entropy of mixing Is related to the excess free energy of 
mixing by:
Equation (36) suggests a means of obtaining the ex­
cess entropy of sdxlng from vapor-liquid equilibrium data 
obtained at various temperatures and constant pressure and 
composition. In turn the heat of mixing can be obtained by 
use of equation (34) and thus this basic thermodynaailc quan­
tity is derivable from vapor-liquid equilibrium data taken 
over a range of temperatures and pressures.
CHAPTER III
MTHODS FOR CORRELATION OF VIP OR-LI QUID EQUILIBRIA DATA
For the extension of existing vapor-liquid equili­
brium date or the prediction of equilibrium relationships 
for systems for which no data are available accurate and 
easily applicable means of correlating data are desirable. 
Various methods of accomplishing this have been proposed 
employing thermodynamically consistent relationships or 
completely empirical equations. 8everal authors18*50*56*77 
have reviewed the proposed methods and made recommendations 
for their use in regard to solution characteristics and 
temperature and pressure conditions. It is the purpose 
of this chapter to point out some of the currently used 
methods for the case of non-ideal systems.
A. CORRELATIONS OF ACTIVITY COEFFICIENTS AND EXCESS FREE 
ENERGY WITH COMPOSITION FOR BINARY SYSTEMS
1. JUS J*AZ SflHAtlSM-
In 1910, van Laar70 theoretically derived the fol­
lowing equations which have been rearranged by Carlson and 
Colburnt8







Gilliland and Robinson21 have discussed the theoreti
cal approach used by van Laar In which he related the con­
stants A and B to the van der Waals constants for the pure 
gases. However, It Is usually the case that the values of 
A and B fitted from experimental data do not agree well with 
the calculated values and hence the constants are simply 
treated as empirical values by chemical engineers. The con­
stants are supposedly Independent of composition, but are 
temperature dependent.
one experimental vapor-liquid equilibrium measurement, since 
this allows the calculation of both activity coefficients. 
Therefore, knowledge of an azeotroplc composition and boil­
ing point allows evaluation of both the constants in the 
van Laar equations and consequently calculation of activity 
coefficients over the entire concentration range. If data 
for several vapor-liquid equilibrium determinations are 
available some authors 21» 76 recommend the following straight 
line forms of the equations for obtaining the best values of 
A and B*




Snedebar66 has recommended combination of the two 
equations Into the following straight line forms
Using the equations In these forms, the best values 
of A and B can be determined graphically or by the method of 
least squares; and these values of A and B used to determine 
whether or not the van Laar equations fit the data.
Observing the significance of A and B as indicated 
by equations (3) and (4) It is seen that the terminal values
at Infinite dilution of the activity coefficients give the
values of the constants. Determination of these values by 
extrapolation of a log Y  versus composition plot may be In­
accurate. However, a method proposed by Gautreaux and 
Coates19 for determining the values of activity coefficients
at infinite dilution may be used to advantage here.
data and calculated and plotted the constants, A and B at 
various values of x for several systems. His results show 
that there may be considerable variance of A and B with temp­
erature for some isobaric systems. Modification of equations
(1) and (2) by multiplying each left hand side by the ab­
solute temperature Is sometimes used to give better
(7)
Orr4® has taken experimental vapor-liquid equilibrium
25
correlation* for systems covering a wide temperature range.
2 . jfanulH SfiBUAlfiAl"
In 1895, Margules46 Integrated the Gibbs-Duhem equa­
tion In ten* of a pair of exponential series with an un­
limited number of tens. The number of tens required for 
accurate representation of the data depends on the "degree 
of non-ldeallty," but concentration tens higher than cubic 
are usually dropped to prevent the equations from becoming 
unwieldy. The equations as rearranged by Carlson and Colburn8 
to give constants equal to the terminal values of the acti­
vity coefficients aret
lof r, - )xj * (8)
I Of n  =  * 2 C*-*)X' (9)
Since the equations as given contain only two con­
stants the same methods for determining the constants may 
be used as in the case of the van Laar equations. The equa­
tions may bo arranged In straight line form by plotting 
log / x| versus Xg or log Jfc / x^ versus x ^  The equations 
are strictly valid only at constant temperature and pressure 
conditions for which the Gibbs-Duhem equation was derived.
However, the effect of pressure on the constants is slight, 
but they may vary appreciably with temperature.
3. ggitqharfl-Hwr Kauatlons.
Making assumptions similar to those of van Laar,
Scatchard and Hamer®^ theoretically derived the following
oequations as revised by Carlson and Colburn
(10)
(11)
V^,Vg ® molal volumes of pure components at a 
definite temperature, 
z^ = volume fraction component 1 = V ]Xj/ (VjXi * V2*2)
*2 “ vollUfte fraction component 2 *= V2X2/^V1X1 * v2*2)
A,B = constants.
pCarlson and Colburn have shown that for = V2
these equations reduce to the Margules equations and for 
A/3 = V1/V2 the van Laar equations result. For values of 
the ratio AV2/BV1 between A/B and unity the results are in­
termediate for those obtained by the van Laar or Margules 
equations. For wide differences in the pure component molal 
volumes use of the van Laar equations is Indicated; for 
molal volumes nearly equal and values of A and B different 
use of the Margules equations is then indicated. In general, 
these equations give only slightly better results than the 
van Laar or Margules equations and are more difficult to use, 
since they involve the volume fraction terms.
4. V£ojil £flUftUQflg«
77Wohl' has shown that the excess free energy can be 
expressed by a general empirical equation for which the
foregoing equations used for correlation of activity co­
efficients are but special cases I
= effective molal volume of cosq>onent 1.
■ effective volume fraction of component i.
aihi ®tc* * empirical constants corresponding to the 
Indicated groups of components in the 
summations*
The equation as written above applies to multicomponent 
systems and the subscripts i,h,J,l each may correspond to the 
components in the mixture* The equation Is designated a four 
suffix equation as characterized by the last term*
For a binary system and reduced to the simplier three- 
suffix form the equation may be rewritten as follows*
The generality of this equation can be appreciated by con­
sidering that upon differentiation and utilizing equation (30) 
Chapter II there results*
Wohl now points out that if q^/qg = A/B the van Laar 
equations result, qi/q2 * 1*0 the Margules equations result, 
and if qi/q2 ■ vi/^2 the Scatchard-Hamer equations result.
Wohl*s general equation may be extended to the high­
est suffix equation necessary to fit the data, but the equation
I#/ 7| 3 [A ♦ 2 - A)I.J
b *  T\ «  4 (15)
(14)
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becomes too complex for general application. It Is seen that 
the three suffix equation for binaries contains three con­
stants if the value of q^/qg is evaluated experimentally 
for each system. The equation does suggest a means of cor­
relating excess free energy and composition and has led to 
the formulation of simplified less general equations contain­
ing no volumetric terms,
5. ££& fiiSifil gflU&U9flg»
Redlich and Kister^® have developed empirical rela­
tionships expressing the excess free energy or the logarithm 
of the ratio of activity coefficients as a function of com­
position by use of a power series. They have rearranged 
equation (31) Chapter II and expressed the excess free energy 
as a function of composition and activity coefficients thus,
Differentiation of this "Q function” with respect to com­
position gives corresponding to equation (33) Chapter II:
9 ® ♦ CC**rO 4 0 -"J (18)
7t/n  3 eo-^o + ctfXjO-**)-1] + 0O-4x,;[i-#x.o-x,)J (ig)
3,C,D - empirical constants.
This type series was selected because any expression for Ĝ * 
must contain the term x(l - x), since for x equal to zero or
4T = P * *» 9} ♦ X* /*/A * X| /•/*/* + li/K (16)
- ft v * (17)
The empirical expressions relating Q and log X/& as 
functions of composition are then given by:
unity G® is zero. The symmetrical variable (2x - 1), vhich 
only changes sign when the components are interchanged, was 
selected as curves of G® versus x are generally symmetrical 
with a maximum near the mid-point of the concentration range.
QChao and Hougen have pointed out that since equa­
tion (17) is valid only at constant temperature and pressure 
the constants in equation (19) will be different from the 
corresponding constants in equation (18) for conditions of 
varying temperature. For constant pressure and varying 
temperature they give the following relation:
[jf; *  '*/  %  "  f n r i m  H ] ,  (20)
- integral heat of mixing for one mole of solution 
However, since the values of the second term on the 
right hand side of equation (20) are difficult to determine 
and values of heat of mixing are not always readily available 
this term may be included in the empirical equation for the 
ratio of activity coefficients giving:
/•/ * * (/-**> + (21) 
b,c,d - empirical constants.
Hence, the differences in the constants for equation 
(21) and (19) will be indicative of the solution heat effects 
As a means of determining the constants in the above 
equations Redlich and Kister give the values of l o g ^i n  
terms of only the constants at various definite compositions* 
A preliminary curve of log ̂  versus x may be drawn, the
values of log at these composition values determined and
these relations solved simultaneously to determine the con­
stants in the above equations* However, values of the con­
stants most representative of the data can be obtained by the 
method of least squares at the expense of more labor*
Redlich and Kister found the values of the constants char­
acteristic of various systems with Bl^O, C = 0, D ^ O  for 
several systems of hydrocarbons and methanol, for example*
relate isobaric binary vapor-liquid data by a single-constant 
equation* Assuming ideal gases the activity coefficients are 
expressed by:
Then employing the Clausius-Clapeyron equation the total 
pressure, *r, and the vapor pressures, P^ and Pg, are replaced 
to yield the function:
AHV ,̂ AHyg = heats of vaporization of pure components,
6. Fqixjjfr M fig Method*





*1*2 = boiling temperatures of pure components 
at 1r , °K.
K = ratio of molal latent heat of vaporiza­
tion of the lower to that of the higher
boiling component*
Norrlsh and Twlgg than found that f  versus x1 plotted 
as a straight line for a number of systems at constant pres­
sure or assuming AHV1 constant,
K  Vlf * M Hi ♦ c (2 4)
M,C » constants*
Expressions relating the Individual activity coef­
ficients to composition were given as:
I* r< * ^ij» [k f* ir=?ft=iyv*- (*-')**] (2S)
*"• *  a  i £ o *  [«*-»)* -  i* 1 1 ♦ ] (26)
In equations (25) and (26) the heat of mixing is considered
negligible compared to the higher values of the heats of 
vaporisation*
Inspection of equations (25) and (26) shoe that for 
M - 0 the solution is ideal and for M <0 the system exhibits 
positive deviations from Raoult's lav, while for M > 0  the 
system exhibits negative deviations* The value of the pure 
number M is thus a measure of the departure of the system 
from Ideality and affords a method of classification*
This single constant equation relating y and x was 
tested on twenty-four lsobarlc, low pressure binary systems 
and calculated values of y agreed well with the experimental 
values. However, the test was limited to the mid-point con- ' 
centratlon range* Although It is a single constant equation, 
several data points are preferable for determining the constant
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and heat of vaporisation data are necessary*
7* Prahl Method.
Prahl52 has suggested a direct correlation of x and y 
by means of volatlllty-composltlon relationships* The rela­
tive volatility, dCf|4 , the ratio of the volatility of com-
ponent 1 to component 2 Is defined ast
, _ y. xt_ ft £
* ,»I x. y* * ( *
The relative volatility varies with the composition 
because of the variance of vlth composition for isothermal 
non-ideal systems and to a greater extent for non-Isothermal 
systems because P1/P2 usually varies vlth temperature* Prahl 
assumed that generally the curve of versus x can be ap­
proximated vlth a hyperbola at least for a limited range*
Then the following equation would apply;
< -  C (bt!) (28)
A,B,C • constants.
8olving for y there results;
/IC  iliidH-------
7 CXCA-X) ♦ (i-«)(su)
If the co-ordinates for any point on the versus x
curve are designated st'and x* and the curve is approximated
by equation (28) it may be shown:
(30)
Solving for the constants between equations (28) and (29):
A «n i eviC'
I * */*
C « -H* -c'
The value# of «t'and x' are usually taken for a point 
of reliable accuracy or as an average of two close points. 
k plot of (x -x* )/«-*■*) versus x Is made and the constants 
A, B and C determined and substituted In equation (29). This 
gives a direct algebraic relationship between y and x which 
may be used directly in distillation calculations. It may 
be necessary to use several different equations to cover the 
entire composition range.
Gilmont23 has shown that in terms of activity co­
efficients Prahl's method gives:
A  K  <31)
*■ (»+l) (32)
This equation'may be used for both isothermal and 
lsobaric data, if the range of these variables is not great. 
However, enough experimental data points are required to de­
fine the constants In the number of equations necessary to 
cover the entire composition range.
8* Biiuaa1 s£ iibfi Various Methods ££ Correlation.
No single method of correlation of vapor-llquid 
equilibria data is preferable for all types of solutions
at all temperature and pressure conditions. Methods which 
use the Gibbs-Duhem equation in their derivation are strictly 
valid only at constant temperature and pressure, but their
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use Is practical for systems where the variation of tempera­
ture and pressure is not great. The Norrish and Tvigg method 
developed for correlation of isobarlc data Is not restricted 
to isothermal conditions, but it does not work well for some 
types of systems.
Those equations which were developed theoretically 
would be of little practical use, if all the assumptions 
made in their derivation were adhered to in their applica­
tion, Developed for systems comprised of non-polar compounds 
they have been found to be useful in correlating data for 
systems containing polar compounds, although the equation 
constants are treated as empirical and not calculated from 
the properties of the pure components.
The two constant equations are useful in that they 
require a minimum amount of data for evaluating the constants.
If the system forms an azeotrope, the azeotropic composition 
and boiling point are sufficient. However, additional equili­
brium data are desirous to determine if the equations em­
ployed actually are representative of the system.
If data are not fitted by a two constant equation, 
the alternative Is to go to a complex form such as Wohl's 
equations or use an empirical power series as exemplified 
by the Redlich and Kister equations. The power series method 
can represent the data well. If an appropriate form Incorpora­
ting sufficient constants is used. Even though an empirical
expression represents the date veil some test of the thermo­
dynamic consistency of the data should be made.
B. ESTIMATION OP VAPOR-LIQUID EQUILIBRIA FOR BINARY SYSTEMS 
1. gplnnar. Lu and Qravdon Method.
The method of Spinner, Lu and Oraydon66 may be used 
to predict the vapor-liquid equilibrium relationships for a 
binary system provided that data are available for each of 
the components vlth a third common component. As there is 
a formal similarity betveen copolymer-monomer composition 
plots and vapor-liquid equilibrium diagrams these authors 
have suggested the following equations for algebraically 
representing vapor-llquid equilibria data analogous to 
equations for the former case:
i *  £  ♦ * )  (33)
Or rearranged i
Yl * a» x* t a «iXi <• Avi it (33a)
Another rearrangement!
( $ '') +  f )  <3 3M
*12**21 "arbitrary constants.
Equation (33) has been found to represent the vapor- 
11 quid equilibrium data for a number of binary systems very 
veil. The constants a-^ and a2i» characteristic of a binary 
system, have been expressed in terms of constants character­
istic of the two components as given by:
C (34a)
* arbitrary constants characteristic of 
component 1*
A2 »B2 “ arbitrary constants characteristic of 
component 2.
The scheme for predicting vapor-liquid equilibrium 
data is as follows: Suppose it is desired to predict data
for a system composed of component 2 and 3 and data are 
available for systems 1-2 and 1-3, Having data available 
for system 1-2 the constants a^2 and a21 are calculated 
from equation (33b). Inspection of equation (33b) shows 
that substitution of the values of one vapor-liquid equili­
brium composition measurement gives an equation of the 
form a2 i = k' + k''ai2 » Now a number of vapor-liquid equili­
brium measurements give that same number of equations which 
if plotted on a co-ordinate system of a v e r s u s  a^2 Sive a 
unique solution. That is, the equations all cross at nearly 
the same point whose co-ordinates give the unique values of 
ai2 and a2i for the system comprised of components 1 and 2.
Data being available for a system 1-3 the values of 
a13 and a31 are determined in a similar manner. Now assuming 
arbitrary values for Ai and (convenient values are.Aq = 1 
and Bi - 0) equations (34) and C34a) are used to calculate
Ag and Bg and aquations similar to (34) and (34a) for the 1-3 
system are used to calculate A3 and B3. Now using equations 
similar to (34) and (34a) for the 2-3 system the values of 
Ag, Bg and A3 , B3 just determined are used to calculate a23 
and *22* Substitution of these values In equation (33a) 
written In terms of component 2 and 3 gives the algebraic 
relationship of y and x for system 2-3.
A solution of a quadratic equation Is necessary to 
determine the values of Bg and B3 and there Is a choice of 
sign. The authors recommend that the signs be chosen so 
that the three B values will be consistent with decreasing 
or increasing polarity of the components.
It was reported in testing the data, that out of 
twenty-one binary systems for which data at one atmosphere 
pressure were available three systems were not fitted by 
equation (33)• Thus this method of prediction has not been 
fully tested, but Is reported to be satisfactory for cor­
relating binary x-y data for systems involving no more than 
one aseotrope per set and for which no *12*21 (or a^gag^) 
product is less than about 0.15.
2. Kshe S2&S&A
Wehe and Coates'̂4 have proposed a method for predict­
ing binary vapor-llquid equilibrium data for members of a 
homologous series. If data are available for binary systems 
composed of one common component and at least two members of
a aeries of homologous compounds then the vapor-liquid equili­
brium relationships for a third member of the homologous 
series and the common compound can be predicted. The method 
was originally developed and tested on the n-alcohol-benzene 
series and In the course of this vork has been tested for the 
n-alkylbenzene - n-butanol and n-alkylbenzene - sec-butanol 
series giving good correlations.
The method is based on a thermodynamic examination 
of the activity coefficients at infinite dilution. Rearrang­
ing equation (8) Chapter II and assuming an ideal vapor phase 
solution It Is seen that:
(35)
Now the slope of the x-y diagram for x^ and y^ ap­
proaching zero Is given by:ecu- <*u. ■ai-
For the case of low pressures this equation may be 
simplified to give:
K i . . . s  ' ( * L .  t 3 ? >
Where is the product of and at conditions of infinite 
dilution and Is denoted the non-ideal vapor pressure. A 
similar equation exists for component 2 at Xg a 0.
If the system were Ideal %  would be unity and 




M . L . (36)
Considering equation (38) It Is seen that the ideal 
slope or the x-y diagram at infinite dilution for component 1 
is proportional to the vapor pressure of component 1 at a 
temperature corresponding to the boiling point of component 2 
for a constant total pressure. How a plot of the logarithm 
of vapor pressure of a pure component versus the reciprocal 
of the absolute tesq>erature is known to be a straight line 
over a reasonable temperature range. Considering binary 
systems of common component 1 and members of a homologous 
series, a plot of the logarithm of the ideal slope of the x-y 
diagram at infinite dilution for component 1 versus the re­
ciprocals of the absolute boiling temperatures of the homo­
logous components should give a straight line at a constant 
total pressure. Projecting the concept to non-ideal solu­
tions, a plot of the logarithm of the non-ideal slope of 
x-y diagram at infinite dilution of component 1 versus the 
reciprocals of the boiling temperatures of the homologous 
components should give a relatively straight line at constant 
total pressure or mathematicallyt
‘• t (&)*„. - M (ri) * c 09)
= boiling temperature of homologous compound at 
constant pressure.
M,C - constants.
For the case of the homologous aeries component be­
coming infinitely dilute the procedure is reversed* However,
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in this case the temperatures at infinite dilution are all the 
same) i.e., the boiling point of the common component at the 
total pressure of the system. The assumption that the 
logarithm of the non-ideal slope at infinite dilution of 
the homologous components versus the reciprocals of the ab­
solute boiling points of the homologous compounds gives a 
straight line is valid provided the logarithm of the vapor 
pressure versus reciprocal temperature plots for the homo­
logous compounds are straight and parallel lines. Although 
this is not always the case, testing of the method has shown 
practically straight lines to result. Thus, for infinite 
dilution of component 2:
l 9 *  ( $ . ) « , . . *  M  f e )  +  c  (40)
= boiling temperature of homologous compound at 
constant pressure.
M* ,C = constants.
Thus a plot of the logarithm of the non-ideal slope 
of the x-y diagram at infinite dilution versus the recipro­
cals of the absolute boiling temperatures of the homologous 
compounds gives two straight lines - one for each case of 
infinite dilution of the two components of each system.
Knowledge of the boiling point of a member of a homologous 
series for which no vapor-liquid equilibrium data are avail­
able allows extrapolation or interpolation of these straight 
lines to determine the non-ideal slopes at infinite dilution 
for a system of that member and the common component. Then
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from equation (37) and a similar one for Infinitely dilute 
component 2 the activity coefficients at Infinite dilution 
are calculated using the vapor pressures of the pure components*
As Indicated by equations (3) and (4) this gives the 
two constants for the van Laar or Margules equations. Using 
one or the other of these equations activity coefficients 
may be determined over the complete composition range and 





Vapor-liquid equilibrium data were collected for six 
binary systems comprised of n-butanol - toluene, ethylbenzene, 
and n-propylbenzene and sec-butanol - benzene, toluene, and 
ethylbenzene. Previous investigators75 at these laboratories 
have collected data for the benzene - normal alcohol systems 
through n-pentanol. Vapor-liquid equilibrium compositions 
and equilibrium temperatures were determined for each system 
over the entire composition range at a constant pressure of 
one standard atmosphere. From these data activity coefficients 
and the excess free energies of mixing were calculated.
These systems were Investigated to further test the 
Wehe and Coates correlation method and to give an insight 
into the behavior of non-ideal systems comprised of members 
of a homologous series. It was desired to determine, if pos­
sible, the effect of molecular size and structure on devia­
tions from ideality expressed as activity coefficients and 
excess free energy. An ultimate goal of vapor-liquid research 
would be to calculate or estimate activity coefficients or
-42-
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excess free energy for non-ideal solutions from contributlonal 
effects determined from the characteristics of each component. 
However, present knowledge does not permit the prediction of 
solution ideality from a standpoint of molecular structure 
and intermolecular forces, and recourse must be taken to 
thermodynamic relationships.
B. EXPERIMENTAL METHODS
i. pjgEac&Usft &£ flgagehtg*
The reagents used were benzene, toluene, ethylbenzene, 
n-propylbenzene, n-butanol, and sec-butanol. The benzene and 
n-butanol were products of Merck and Company, Inc. and of
C. P. grade. The toluene was of practical quality and a 
product of Allied Chemical and Dye Corporation. The ethyl­
benzene, n-propylbenzene, and sec-butanol were all products 
of the Eastman Kodak Company and of practical quality. All 
the reagents were purified by distillation in either a thirty 
plate glass Oldershaw column or a three foot column packed 
with 3/32** stainless steel helices. A high reflux ratio
of 20 to 1 was used, and both columns gave an overhead pro­
duct of high purity, although the larger Oldershaw column 
was capable of a higher throughput.
The operational procedure was to charge the pot of 
the column with the reagent and begin distillation while 
checking the purity of the overhead product continually by 
measuring the refractive index. The overhead product was
only retained when a constant refractive index checking closely 
vlth that of the literature values was obtained* This re­
sulted in discarding about the first and last ten per cent 
of the material originally charged into the still* The pro­
duct collected was then redistilled, and the first and last 
portion discarded as before* The change in refractive in­
dex upon the second distillation was very slight, and the 
portion collected had a boiling range of less than 0.1°C 
as indicated by a 0*1°C division distillation thermometer.
The change in refractive index upon the second distillation 
was so slight that only two distillations were used for all 
reagents except toluene which was triple distilled.
The reagents were protected from atmospheric mois­
ture by venting the distillation columns through a drying 
tube packed with "Drierite." Distillation was considered 
adequate for removing any absorbed water from the alcohols 
as both n-butanol and sec-butanol form minimum-boiling 
azeotropes with water which have boiling points at atmos­
pheric pressure below those of the pure alcohols of ap­
proximately 25°C and 11°C respectively.
The densities of the purified reagents, as determined 
with a pycnometer, were compared with literature values as 
a further check of purity.
The actual boiling points of the reagents were not 
determined accurately as the distillation thermometers were
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not standardized, but the thermometers did Indicate very 
narrow boiling ranges of less than 0.1°C for the final pro­
ducts.
Table I gives a comparison between literature values 
of the refractive index and density of the materials used 
and the experimental values. Literature values for the aro­
matic s are from reference (59) and those for the alcohols 
are from references (36) and (69).
TABLE I
m a m a  ragrgfflas s i ibb m i r a p  m tw ss
Experimental Literature Experimental Literature
n25 n25 Density, Density, g/cc
fiQflppvmd D D g/cc @ 25*0°C
Benzene 1.4975 1.4979 0.8737
Toluene 1.4935 1.4941 0.8611 @ 25.8°C 0.8623
Ethylbenzene 1.4930 1.4932 0.8624 @ 25.1°C 0.8626
n-Propylbenzene 1.4891 1.4895 0.8602 @ 25.5°C 0.8578
n-Butanol 1.3971 1.3970 0.8050 @ 26.5°C 0.8057
sec-Butanol 1.3950 1.3946 0.7991 @ 28.6°C 0.8027
2. Equipment Used.
The apparatus used in obtaining the present data was
an equilibrium still of the Jones, Schoenborn, and Colburn22 
design of pyrex glass construction with a capacity of about 
65 mis. The equilibrium still is illustrated in Figure 1. 
Heat was supplied to the still through two colls of insulated 
nichrome wire; one of which heated the vaporizer, while the
other balanced heat loss from the residue chamber and also 
prevented reflux, Power input to the coils was regulated 
with powerstats. Two powerstats in series were used to give 
precise control of the heat input to the residue chamber#
The temperature of the boiling liquid was measured 
with a copper-constantan thermocouple; the cold-Junction 
reference temperature was maintained by melting ice in 
a Dewar flask* The generated e.m.f, was measured with a 
Leeds and Northrup type K potentiometer in conjunction with 
a suspended coil d'Arsonval-type galvanometer. The scale 
for the reflected light from the galvanometer mirror was 
mounted approximately one meter from the galvanometer. The 
system was capable of detecting a voltage change of 0.001 m.v. 
which, for the thermocouple employed, corresponded to a temp­
erature change of approximately 0.02°C.
A pressure of one standard atmosphere was maintained 
on the equilibrium still by a Cartesian-type manostat with a 
ten liter bottle being used as a ballast tank. Pressure 
variations were kept within £2 mm water. Positive pressure 
was supplied by compressed air, while a water aspirator was 
used to produce negative pressure. A differential water 
manometer indicated the difference in the still and actual 
atmospheric pressure. The aforementioned pressure control­
ling and measuring equipment was connected to the equilibrium 
still through a drying tube charged with "Drier!te" in order
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to protect the still contents from moisture.
Atmospheric pressure was measured with a mercury 
barometer which could be read to the nearest 0.01 Inch Hg 
or 0.3 mm Hg.
The condensed vapor and liquid equilibrium samples 
were analysed for composition with a Bausch and Lomb 
model 33-45-01 precision refractometer. With this instru­
ment the refractive index could be read to the nearest 0.0001 
and estimated to the nearest 0.00001. This Instrument was 
equipped with a constant temperature water bath and water 
circulating system. The temperature, as indicated by a 
calorimetric thermometer, was kept within ♦ 0.1°C.
3. Experimental Procedure.
Since analysis of the vapor and liquid equilibrium 
samples was done by refractive index measurements, it was 
necessary to determine the relationship between refractive 
Index and composition for each of the binary systems studied. 
About ten solutions of known composition covering the entire 
composition range for each system were made up by weighing 
on an analytical balance and the refractive index of each 
solution determined with the refractometer. The solutions 
were prepared by pipetting a volumetrically measured quan­
tity into a 50 ml weighing bottle and then accurately weigh­
ing on the balance. The refractive index of each solution 
was taken as the arlthmetrlc average of five refractometer
readings. Tha refractometer vaa standardized vlth a glass 
test blank of known refractive Index. Tables and plots of 
the refractive Index as a function of composition for each 
system are given in the Appendix.
The operating principle of the type equilibrium 
still employed In this work is to generate a vapor In the 
vaporizer, bubble it through a liquid contained in the 
residue chamber, condense the vapor leaving the liquid 
and return the resulting condensate to the condensate cham­
ber from which it is fed to the vaporizer and recirculated. 
The essential parts of the equilibrium still are illustrated 
in Figure 1. Continued recirculation of a multi-component 
system under the proper operating conditions leads to a 
condensate of definite composition which in the vapor phase 
is in equilibrium with a liquid of definite composition in 
the residue chamber. Equilibrium is indicated when with 
steady liquid levels and rate of bubbling, there is a con­
stant temperature where the vapor contacts the body of the 
liquid.
All vapor-liquid equilibrium determinations were 
made at a constant total pressure of one standard atmos­
phere. The mercury barometer was read to determine the 
actual atmospheric pressure} temperature and latitude cor­
rections were made and then the manostat was adjusted to 
maintain a pressure of one standard atmosphere on the
equilibrium still. Since each run lasted over a period of 
several hoursf the barometer was read periodically and the 
necessary pressure adjustments made. The system was found 
capable of keeping pressure fluctuations to within ± 2 mm 
water or ± 0.15 mm Hg.
The equilibrium still was first operated with each 
pure component in order to calibrate the thermocouple. This 
preliminary operation allowed adjustment of the pcwerstat 
settings and determination of the optimum volume of charge 
In the equilibrium still. The powerstats were adjusted to 
supply the correct amount of heat to Just keep a drop of 
liquid in the lower portion of the vaporizer, constant 
levels in both the condensate chamber and liquid residue 
chamber, and prevent condensation and subsequently reflux 
between the liquid residue chamber and the water-cooled 
vapor condenser. The rate of circulation was maintained 
by the powerstat controls and the liquid level in the con­
densate chamber so as to keep a steady stream of bubbles 
in the liquid residue chamber. Normal operation was with 
the stopcock connecting the vaporizer and residue chamber 
fully open.
Only a drop of liquid was maintained in the lower 
portion of the vaporizer since a large volume of liquid 
would lead to entrainment of liquid in the vapor to the 
liquid residue chamber and on the other hand no liquid in
the vaporizer could possibly give superheating of the vapor; 
either case tended to upset the desired vapor-liquid equili­
brium, It was also important to keep the walls of the resi­
due chamber at a temperature sufficiently high to prevent 
condensation of the vapor after contact with the body of 
the liquid, as the resulting reflux would give more than 
the desired single stage contact of vapor and liquid.
A copper-constantan thermocouple inserted in the 
well in the residue chamber directly in the path of the 
bubbles indicated the vapor-liquid contact temperature. The 
potentiometer reading was taken and recorded every ten min­
utes as the system approached equilibrium; the potentio­
meter was standardized by means of a standard cell before 
each reading. When a constant temperature was reached the 
still was operated for an additional hour to insure equili­
brium. In the case of the pure component the e.m.f. gen­
erated by the thermocouple at equilibrium was taken as 
equivalent to a temperature corresponding to the normal 
boiling point of the pure component. For calculating the 
equilibrium temperatures for the solutions the e.m.f. was 
considered a linear function of the temperature over the 
temperature range covered by each system.
For each system studied equilibrium runs were made 
with binary solutions of various compositions so as to cover 
the entire composition range. The operating procedure was
as previously described except that at the end of an hour 
of steady operation to insure equilibrium the electric power 
was shut off and the three-way stop-cock in front of the 
vaporizer was turned so as to separate the condensate and 
residue chambers and equalize the pressure. Samples were 
then drawn from both the condensate and residue chambers; 
the hot sample from the residue chamber was passed through 
a small water-cooled condenser to prevent flashing and a 
change of composition. The cooling of the warm liquid 
sample was hastened by placing the sampling bottle in cold 
water.
The samples were kept in glass stoppered bottles 
and analyzed for composition with the precision refracto­
meter as soon as they cooled. The temperature of the water 
bath and refractometer was adjusted to 25.0 + 0.1°C before 
the analyses. Four determinations were made for each sample, 
the prisms being dried of all liquid before each determina­
tion. A capillary dropper was used to place the liquid on 
the prisms and prevent evaporation. The arithmetric average 
of the four readings was taken and the scale reading con­
verted to the refractive index, n^5, by use Qf the conver­
sion tables supplied with the instrument.
C. CONVERSION OF EXPERIMENTAL DATA TO QUANTITATIVE MEASURES OF NON-IDEALITY
The basic experimental data collected were the
refractive indices of the vapor and liquid equilibrium 
samples and the e.m.f.'s generated by the thermocouple 
corresponding to the equilibrium temperatures at a con­
stant total pressure of one standard atmosphere. It vas 
necessary to convert these quantities into their respec­
tive values of composition expressed as mol fractions and 
equilibrium temperatures.
The e.m.f. readings can be readily converted to 
the corresponding temperatures, since the assumption that 
the e.m.f. is a linear function of the temperature is well 
justified over the relatively small temperature ranges for 
each system. Although the actual boiling points of the 
pure components were not determined, refractive index and 
density measurements indicated the compounds were of high 
purity and use of the literature normal boiling points seems 
justifiable. Calibration of the thermocouple installed in 
the equilibrium still under actual operating conditions 
does tend to minimize radiation errors to or from the thermo­
couple. The thermocouple calibration curve is included in 
the Appendix.
Accurate conversion of the refractometer readings 
to the corresponding compositions expressed as mol frac­
tions is more difficult as the relationship between these 
two quantities is not linear. The relationship between re­
fractive index and composition vas accurately determined
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by measuring the refractive Indices of solutions of known 
concentration as described in the section on experimental 
procedure* Conversion of the refractometer readings of the 
vapor and liquid equilibrium samples to the corresponding 
mol fractions can thus be done graphically or analytically* 
However, interpolation on a graph was difficult if 
the mol fractions were to be expressed with more than three 
significant figures* Attempts were made to mathematically 
express the refractive index versus composition curves with 
power series, but although the curvature was not pronounced 
the equations were unwieldy. The refractive indices of the 
equilibrium samples were therefore converted to the equiva­
lent mol fractions by using Lagrange1s method of interpola­
tion60 and the experimentally determined calibration tables* 
This method of interpolation was used as it does not require 
the values in the calibration tables to be equidistant* A 
graph was used as a guide in checking the results for gross 
errors. The interpolation procedure is described in the 
Appendix*
The activity coefficients were calculated using 
equation (11-14) which is rewritten here:
Y ir 
X, Pt (11-14)
A similar equation vas used to calculate the activity 
coefficient for component two. The vapor pressure of the 
pure component at the equilibrium temperature vas calculated 
employing an appropriate expression relating the vapor pres­
sure and temperature, such as an Antoine type equation. The 
equations relating vapor pressure and temperature were taken 
from the literature for the aromatic compounds. For the 
alcohols vapor pressure data were taken from the literature 
and tvo-constant equations derived to fit the data. This 
vas necessary since the literature equations did not cover 
a sufficient temperature range. All the equations relating 
vapor pressure and temperature are given in the Appendix.
Equation (11-14) is taken as applicable because the 
total pressure is low. Calculation of a few activity co­
efficients for all systems using the more exact equation 
(11-13) and assuming the vapor phase activity coefficient 
to be unity, indicated that the difference in the results 
of the two equations never exceeded five per cent. Since 
the accuracy of the generalized charts used in determining 
the fugacity coefficients for use in equation (11-13) is no 
better than this, all activity coefficients as reported are 
for the liquid phase and calculated by use of equation 
(11-14)•
The "Q function”, an expression containing the ex­
cess free energy of mixing, was calculated from the activity
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coefficients toy use of equation (111-16). This equation 
as applicable to binary solutions is rewritten here:
This function was used in the Redlich and Kister equations 
for correlating the excess free energy and composition as 
described in the following chapter* As the equilibrium 
temperature is known, the excess free energy is readily ob­
tained from this function*
The relative volatility was calculated by use of 
the following relationship *
This is the volatility of the aryl hydrocarbon component 
relative to that of the common component which is the al­
cohol. The relative volatility is unity for an azeotrope*
D. EXPERIMENTAL KEStTLTS
equilibrium temperatures, the activity coefficients, Q 
functions, and relative volatilities were tabulated for 
each of the systems investigated. These results are pre­
sented in Tables II through VII, Results obtained by pre-
are tabulated in the Appendix for reference.
Plots of vapor versus liquid composition, composi­
tion versus temperature, and the logarithm of the activity
(111-27)
The vapor-liquid equilibrium compositions, the
vious investigators*^ for benzene - normal alcohol systems
coefficient versus composition vere made for each of the 
systems Investigated In this work. These plots appear as 
Figures 2 through 19.
TABLE II
VAPOR-LI QUID EQUILIBRIUM DATA
Toluene^ - n-Butanol© System at 760.0 mm Hg Pressure
Temp.
*1 yi °C
1. 0.0000 0.0000 117.71
2. 0.0048 0.0144 117.44
3. 0.0101 0.0304 117.01
4. 0.0162 0.0473 116.77
5. 0.0283 0.0820 116.05
6. 0.0386 0.1074 115.50
7. 0.0531 0.1435 115.01
8. 0.0698 0.1787 114.15
9. 0.0922 0.2205 113.27
10. 0.1126 0.2608 112.44
11. 0.1595 0.3291 110.94
12. 0.1964 0.3731 110.12
13. 0.2452 0.4244 109.01
14. 0.3009 0.4716 108.05
15. 0.3704 0.5251 107.26
16. 0.4204 0.5528 106.64
17. 0.4707 0.5797 106.24
18. 0.5184 0.6041 105.97
19. 0.5824 0.6322 105.83
20. 0.6064 0.6434 105.63
21. 0.6121 0.6456 105.75
22. 0.6421 0.6596 105.55
23. 0.6748 0.6868 105.67
24. 0.6820 0.6786 105.53
25. 0.7240 0.7010 105.57
26. 0.7766 0.7343 105.91
27. 0.8331 0.7833 106.3128. 0.8663 0.7982 106.6629. 0.8882 0.8298 107.05
30. 0.8951 0.8285 107.06
31. 0.9076 0.8473 107.39
32. 0.9453 0.8903 108.52
33. 0.9608 0.9221 109.10
34. 0.9737 0.9398 109.48
















































































































































VAPOR-LIQUID EQUILIBRIUM DATA 
Toluene^ - n-Butanolg System et 760.0 am Hg Pressure
*1 *1
Teqp.
°C 7i K Or.2.3 RT
36. 0.9837 0.9593 109.79 0.999 3.326 0.0079 0.390637. 0.9891 0.9730 110.02 1.001 3.269 0.0059 0.397438. 0.9928 0.9822 110.28 0.999 3.234 0.0032 0.400239. 0.9975 0.9922 110.49 0.999 3.051 0.0009 0.318840. 1.0000 1.0000 110.63 1.000 (3.20) 0.0000 (0.404)
Parentheses indicate values at infinite dilution calculated 
by the Gautreaux and Coates1® method.
* .■*«*?. iijx iototml'; inch 359-11
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TABLE III
VAPOR-LIQUID EQUILIBRIUM DATA
Ethylbensenei - n-Butanol« System at 760.0 mm Hg Pressure
Temp.
X1 y± °C
1. 0.0000 0.0000 117.71
2. 0.0033 0.0065 117.53
3. 0.0083 0.0137 117.46
4. 0.0127 0.0215 117.19
5. 0.0206 0.0321 117.11
6. 0.0273 0.0418 116.91
7. 0.0330 0.0494 116.56
8. 0.0443 0.0640 116.47
9. 0.0593 0.0844 116.27
10. 0,0837 0.1121 115.98
11. 0.1127 0.1443 115.77
12. 0.1563 0.1856 115.47
13. 0.1846 0.2057 115.32
14. 0.2336 0.2442 115.09
16. 0.2800 0.2752 115.05
16. 0.2732 0.2647 115,05
17. 0.2995 0.2790 115.07
18. 0,3271 0.2985 115.07
19. 0.3760 0.3245 115.18
20. 0.4208 0.3446 115.47
21. 0.5205 0.3862 115.98
22. 0.6178 0.4407 117.24
23. 0.6654 0.4713 118.20
24. 0.7100 0.4916 119.07
26. 0.7400 0.5447 119.76
26. 0.8138 0.5717 121.97
27. 0.8182 0.5727 122.10
28. 0.8723 0.6475 124.65
29. 0.8920 0.6655 125.64
30. 0.9056 0.7037 126.69
31. 0.9148 0.7305 127.27
32. 0.9429 0.7839 129.85
33. 0.9577 0.8327 131.14
34. 0.9724 0.8769 132.57
36. 0.9769 0.8913 133.14















































































































































Ethylbenzene^ - n-Butanolg System at 760,0 mm Hg Pressure
Temp.
*1 *1 °C
36, 0.9780 0.9026 133.45
37. 0.9841 0.9203 133.88
38. 0.9843 0.9263 134.23
39. 0.9848 0.9243 134.17
40. 0.9877 0.9413 134.65
41. 0.9877 0.9431 134.58
42. 0.9912 0.9566 135.14
43. 0.9914 0.9527 134.89
44. 0.9947 0.9705 135.49
46. 0.9954 0.9730 135.30
46. 0.9969 0.9828 135.80
47. 1.0000 1.0000 136.19
* * 0s2.3 RT
0.994 2.683 0.0068 0.2082
0.996 2.996 0.0056 0,1866
0.992 2.776 0.0036 0.2005
0.991 2.951 0.0034 0.1885
0.993 2.786 0.0026 0.1997
0.997 2.706 0,0041 0.2064
0.993 2.836 0.0009 0.1957
0.995 3.187 0.0023 0.1747
0.994 3.168 0.0001 0.1753
1.001 3.359 0.0029 0.1665
0.996 3.128 -0.0001 0.1777
1.000 (2.55) 0.0000 (0.218)
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1* 0.0000 0.0000 117.71
2* 0.0098 0.0140 117.71
3. 0.0111 0.0097 117.69
4. 0.0196 0.0158 117.66
5. 0.0275 0.0253 117.67
6. 0.0495 0.0444 117.75
7. 0.1245 0.0863 117.77
8. 0.1488 0.1159 118.33
9. 0.2243 0.1289 118.90
10. 0.2476 0.1413 118.86
11. 0.2544 0.1751 119.25
12. 0.3171 0.1875 119.85
13. 0.4613 0.1917 121.11
14. 0.5294 0.2489 112.67
16. 0.5997 0.2576 124.26
16. 0.6695 0.2989 125.69
17. 0.8322 0.4326 133.78
18. 0.9268 0.6143 144.22
19. 0.9539 0.7546 149.44
20. 0.9761 0.8523 153.84
21. 0.9773 0.8641 154.28
22. 0.9856 0.8961 156.71
23. 0.9881 0.9231 156.73
24. 0.9962 0.9634 157.95
25. 0.9990 0.9852 158.84
26. 1.0000 1.0000 159.22
System at 760*0 am Hg Pressure
y G® £$ ■ *





































































































1 . 0 0 0 (1.97) 0 . 0 0 0 0 (0.145)
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0.0000 (3.924)2. 0.022 0.078 97.63 2.128 1.013 0.0127 3.761
3. 0.027 0.097 97.32 2.174 1.009 0.0129 3.7814. 0.039 0.126 96.62 2.002 1.020 0.0200 3.652
5. 0.044 0.143 96.26 2.030 1.015 0.0197 3.626
6. 0.064 0.170 96.60 2.002 1.021 0.0248 3.5887. 0.067 0.206 94.61 2.013 1.031 0.0328 3.613
8. 0.086 0.263 93.23 2.000 1.040 0.0414 3.6009. 0.109 0.306 92.49 1.947 1.021 0.0396 3.604
10. 0.138 0.367 90.35 1.906 1.063 0.0615 3.468
11. 0.168 0.426 89.61 2.030 1.000 0.0486 3.955
12. 0.283 0.664 84.88 1.693 1.106 0.0961 3.147
13. 0.397 0.677 82.88 1.670 1.033 0.0863 3.18414. 0.647 0.720 80.17 1.313 1.370 0.1266 2.20816. 0.663 0.766 78.73 1.225 1.561 0.1237 1.740
16. .0.691 0.778 78.38 1.188 1.672 0.1207 1.56717. 0.780 0.821 77.77 1.132 1.948 0.1058 1.29418. 0.866 0.864 79.07 1.029 2.302 0.0593 0.98319. 0.944 0.930 78.86 1.026 2.895 0.0360 0.788
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TA B U  VI
VAPOR-LIQUID EQUILIBRIUM DATA




1 . 0.0000 0.0000 99.53
2 . 0.0164 0.0265 99.16
3. 0.0173 0.0328 99.05
4. 0.0336 0.0633 98.83
5. 0.0646 0.0945 98.39
6 . 0.0726 0.1114 98.12
7. 0.1063 0.1521 97.71
8 . 0.1661 0.2029 97.15
9. 0.2628 0.2956 96.57
1 0. 0.3286 0.3373 96.38
1 1. 0.3692 0.3673 96.47
1 2 . 0.3940 0.3823 96.38
13. 0.5692 0.4901 97.05
14. 0.5803 0.4878 97.33
16. 0.7574 0.6010 99.34
16. 0.8258 0.6586 101.04
17. 0.8412 0.6810 101.08
18. 0.8788 0.7385 102.52
19. 0.9468 0,8489 106.06
2 0 . 0.9705 0.8993 107.63
2 1 . 0.9786 0.9332 108.54
2 2. 1.0000 1.0000 110.63
— * 0*
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1 . 0.0000 0.0000 99.53
2 . 0.0100 0.0082 100.09
3. 0.0401 0.0344 100.28
4. 0.0744 0.0660 100.24
6 . 0.1275 0.1063 100.59
6 . 0.1716 0.1318 100.82
7. 0.2480 0.1613 101.57
8 . 0.3602 0.2140 102.86
9. 0.4739 0.2521 104.04
1 0. 0.4967 0.3229 104.54
1 1. 0.6911 0.3622 108.62
1 2. 0.8550 0.5113 116.64
13. 0.9055 0.6189 121.47
14. 0.9456 0.7350 126.59
15. 1.0000 1.0000 136.19
System at 760.0 mm Hg Pressure
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CHAPTER V 
DISCUSSION OF RESULTS
A. TEST OF THERMODYNAMIC CONSISTENCY OF DATA
Plots of the logarithm of the activity coefficient 
versus the composition are useful in testing the internal 
thermodynamic consistency of a set of data for any parti­
cular system. Redlich and Klster^ have shown that the 
following arrangement of the Gibbs-Duhem equation is use­
ful for testing the reliability of data as it Is a neces­
sary, although not sufficient, condition for thermodynamic 




Thijssen^® from consideration of equation (11-26)
has shown that for conditions of varying temperature the 
exact expression is:
Jr-iLCf + / i . ^ )  a  * o  (£)
However, no values of the integral heats of mixing 
for the systems investigated experimentally were available, 
and the value of the first term of equation (2) is usually 
very small for the type of systems studied here. Therefore,
84
85
equation (1) was used as an indication of the thermodynamic 
consistency of the results*
Considering equation (1), a plot of In %  versus x^ 
may be made and the net area under the curve determined. 
This should be zero as a necessary condition for thermo­
dynamic consistency. Rearrangement of equation (1) shows 
that: „ ,
Cla)
This indicates that for the plot of the logarithm 
of activity coefficient versus composition the area under 
the log>J curve should equal that under the log curve. 
These areas were compared for each system, and the average 
difference was of the order of magnitude of from three to 
five per cent. Although this does not certify that the data 
were correct, it is an indication of the internal consis­
tency of the data.
It is to be expected that the type of systems which 
were investigated should give positive deviations from 
Raoult*s law and activity coefficients greater than unity. 
Inspection of the results shows that a few of the activity 
coefficients had calculated values of less than unity.
These values were considered to be in error, since the 
Gibbs-Duhem equation indicates that for one of the log / 
versus x curves to go below the x axis, the other curve
should show an Inflection point which it did not.
Vo vapor*liquid equilibrium data were available in 
the literature for comparison with the experimental results, 
with the exception of the bensene-sec-butanol system which, 
however, was for subatmospheric pressure.
B. ACTIVITY OOVFFICIEKT8 AT HPXVITE DILCTIOV
As the mol fraction of a component approaches zero 
In solution, its activity coefficient approaches a definite 
limit. The activity coefficient at infinite dilution is of 
importance as it has been shown that its logarithm gen­
erally appears as a constant in empirical equations which 
relate log V and x. The activity coefficient at infinite 
dilution is of theoretical significance, since for this 
case the interaction among solute molecules is nil. The 
value of the activity coefficient at infinite dilution may 
be determined by extrapolation of the log7 versus x plot, 
but the result is usually of questionable accuracy. The 
method developed by Gautreaux and Coates19 for determining 
the activity coefficients at infinite dilution was employed 
for the systems investigated and where enough data points 
were available in the dilute region gave more accurate 
values than by extrapolation.
These authors have developed rigorous, thermody­
namically exact relations for determination of the activity 
coefficients at infinite dilution, but the simplified equation
87
applicable at atmospheric pressure for the case of isobar!c 
data Is: f ^
that for component 2 gives the equation for calculating the 
activity coefficient of component 2 at infinite dilution.
The calculation of the indicated slope in equation (3) is 
done by plotting the logarithm of the vapor pressure of one 
pure component versus the mol fraction of the other component 
in the liquid. The vapor pressure corresponds to the equili­
brium temperature for a solution of the composition in ques­
tion. Figures 20-23 are the plots used in determining the 
slopes for the systems studied.
straight for some distance as the concentration Increases 
from infinite dilution, provided the slope is not too great. 
For the curves vlth a high slope there may not be enough 
data points in the very dilute region to define the curve 
well. 8uch was the case for the system benzene-n-butanol 
as the benzene approached infinite dilution as shown in 
Figure 20. In this case the activity coefficient at in­
finite dilution was best determined by extrapolation of 
the log 7 versus x plot.
The curve for the bensene-n-butanol system as the 
benzene approached infinite dilution was drawn to give a
(3)
The replacement of each subscript for component 1 by
Inspection of these plots shows that the curves are
f
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tangent at Infinite dilution consistent with the extra- 
polated value of log ? • This gives practically no weight 
to the point for this system in the most dilute region, but 
experience in operation of the equilibrium still has shown 
that data obtained at such low concentrations are frequently 
unreliable. More data are needed in the dilute region to 
define the curve.
The curve for the ethylbenzene-sec-butanol system 
shown in Figure 22 was drawn as a straight line although it
did not intercept the ordinate at the common point. The
intercept indicates an error in the temperature measurement 
of about 0.5°C, which is large considering the accuracy of 
the temperature measuring apparatus. It seems the data are 
consistent within themselves, but that all temperatures in 
this region as reported may be about 0.5°C high. In any 
case the slope of the curve is of such a low value compared
to unity that it does not greatly affect the calculation of
the activity coefficient at infinite dilution for the case 
In question.
Table VIII is a compilation of the activity coef­
ficients at infinite dilution for the systems Investigated 
in the present work and also those for the benzene-normal 
alcohol systems previously investigated at these laboratories 
by Arnold, Oautreauz, and Wehe.75
TM M  VIII
ACTIVITY OOBFFICIEMT& AT INFINITE DILUTION













Binary Systems of Benzene^ and n-Alcohols^ 
Pressure









♦Basic data from referenoe (76). Activity coefficient* 
at infinlta dilution vara radatarained by Oautraauz and Coataa 
method vhere possible.
The data tabulated in Table VIII Indicate no definite 
trend for the activity coefficients at Infinite dilution with 
the various homologs in the case of infinitely dilute aryl 
hydrocarbons. With the exception of infinitely dilute 
toluene in n-butanol, the activity coefficients at infinite 
dilution decrease slightly as the molecular weight of the 
aromatic component Increases with n-butanol as the common 
component and vice versa with sec-butanol as the common 
component.
For the case of Infinitely dilute alcohols the 
activity coefficients for both normal and secondary bu­
tanol increase as the molecular weight of the aromatic 
component decreases. This Indicates that the higher mole­
cular weight, less volatile aromatics form more nearly 
ideal solutions with either of these two alcohols.
It will be noted that the activity coefficients 
at infinite dilution for the sec-butanol series were lower 
than the corresponding values for the n-butanol series. 
Evidently placement of the hydroxyl group in the second­
ary position allows some shielding of this group, and the 
characteristics of this group are less predominant. Thus 
the secondary alcohol forms a more nearly ideal solution 
with the aromatics than the normal alcohol. The hydrogen 
bonding effects of the secondary alcohol are less than 
those of the normal alcohol as evidenced by the lower heat
of vaporisation and normal boiling point.
Inspection of the data for the benzene-normal alcohol 
series shows that the activity coefficients at Infinite di­
lution increase as the molecular weight of the alcohol de­
creases for infinitely dilute alcohol and infinitely dilute 
bensene. This is to be expected as the characteristics of 
the hydroxyl group become more predominate as the molecular 
weight of the alcohol decreases. Thus the higher molecular 
weight alcohols tend to behave more and more as normal hy­
drocarbons and form more nearly Ideal solutions with the 
aromatic hydrocarbons. However, an ideal solution would 
never be expected considering the difference in aromatic 
and aliphatic hydrocarbon characteristics.
It should be noted that in making these comparisons 
for systems comprised of homologous compounds there will be 
a temperature Influence in the case of the common component 
becoming infinitely dilute. For this case all the activity 
coefficients are at different temperatures corresponding to 
the boiling points of the pure homologous components. For 
a true comparison all the values should be reduced to a 
base temperature. However, this requires heat of solution 
data which are not readily available for the systems for 
which data were collected.
Heat of solution data were available for the benzene- 
methanol, benzene-ethanol, and bensene-n-propanol systems
at approximately room temperature.6»61 Using these liters
ture data the following equation was used to estimate the 
effect of temperature on the activity coefficienti
= relative partial molal enthalpy of com­
ponent 1*
By use of equation (4) the activity coefficients
systems were corrected to the base temperature equal to 
the normal boiling point of benzene. The corrections were 
found to be very small because for these cases the tempera­
ture difference is not over 20°C. Also the correction was 
only approximate as the heats of solution were considered 
not to vary with temperature and were the values given for 
approximately room temperature. More heat of solution data 
or measurements of activity coefficients at different temp­
eratures are needed to account for the effect of tempera­
ture on the activity coefficients of members of the homologous
C. APPLICATION 07 THE VEHE AND COATKB CORRELATION FOR 
HOMOLOGOUS 8ERIB8
This is a method for correlating the slopes of the 
x-y diagrams at infinite dilution for binary systems com­
prised of members of a homologous series and a common com­
ponent. A plot of the reciprocal of the absolute boiling
(4)
at infinitely dilute benzene for the three aforementioned
series.
point of the homolog at constant pressure versus the logarithm 
of the slope of the x-y diagram at infinite dilution of either 
the homolog or common component should give a straight line. 
Two straight lines should be obtained; the line in the case 
of the infinitely dilute homolog having a positive slope, 
and the line in the case of the Infinitely dilute common 
component having a negative slope. This method was pre­
viously tested for the case of binary systems of benzene 
and the homologous series of normal aliphatic alcohols 
through n-pentanol. The method was further tested for 
the systems investigated in the course of this work. The 
correlation plots are shown In Figures 24 and 25.
The slope of the x-y diagram at infinite dilution 
is given by equation (III-37). Combination of this equa­
tion with equation (3) results in the following expression 
for the slope of the x-y diagram at infinite dilution.
Transposition of subscript 1 for 2 gives a similar 
equation for calculation of the slope of the x-y diagram at 
infinite dilution of component 2.
Equation (5) was used for calculation of the slopes 
of the x-y diagrams at infinite dilution for each of the 
systems studied. The resulting values and the literature 
values of the normal boiling points of the aryl hydrocarbons 
are tabulated in Table IX.
ZAKS IX
SLOPS OP X-Y DIAGRAMS AT UTPIHITR DILUTIOH






75Benzene 353.3 2.831 11.6 0.98
Toluene 383.8 2.606 3.14 2.48
Bthylbenzene 409.4 2.443 2.16 4.59
n-Propylbenzene 432.4 2.313 1.03 6.91
Binary Systems of n-Alkylbenzenes and sec-Butanol at 760 mm
Hg Pressure
n-Alkyl- n.b.p.
aroaattg 1/T (103) ( H X - W.I..
Benzene 353.3 2.831 3.92 1.35
Toluene 383.8 2.606 1.72 3.66
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Inspection of Figures 24 and 25 Indicates that the 
straight line relationship holds for these systems. However, 
more than two points are desirable for determining the slope 
of the straight line. Figure 24 was used to predict the 
activity coefficients at infinite dilution for the n-pro- 
pylbenxene - n-butanol system and by use of the van Laar 
equations a complete x-y diagram was predicted for this sys­
tem. The predicted vapor-liquid data closely approximated 
that determined experimentally as shown in Figure 26.
D. EXAMINATION OF THE EXCESS FREE ENERGY FOR ARYL HYDRO­
CARBON-ALIPHATIC ALCOHOL SOLUTIONS
Plots of G®/2.303 RT, the Q function, versus com­
position were made for the systems investigated in the 
course of this work and also the benzene-normal alcohol 
systems for which data have been previously obtained at 
these laboratories. These plots, grouped according to the 
homologous series, are presented as Figures 27, 28 and 29.
Inspection of the Q function versus composition 
plots shows that for each series nearly symmetrical para­
bolic shaped curves result. For the benzene-normal alco­
hol systems the maximum values of the Q function decrease 
uniformly as the molecular weight of the alcohol increases. 
The n-alkylbenzene-n-butanol systems give almost identical 
curves for each system with no definite trend in the maxi­
mum value of the Q function with the homologous component.
The n-alkylbenxene - sec-butanol systems also give similar 
curves, but the maximum value of the Q function showed a 
slight decrease as the molecular weight of the aryl hydro­
carbon increased.
Another characteristic of these curves that Is of 
Interest Is the slope at Infinite dilution. The slopes of 
these curves are given by equation (111-20). For infinite 
dilution of either component the integral heat of solution 
is aero and it follows from equation (111-20), that at in­
finite dilution the absolute value of the slope is equal 
to the logarithm of the activity coefficient of the in­
finitely dilute component.
Table X is a tabulation of the maximum values of 
the Q functions and the corresponding compositions for the 
aliphatic alcohol-aryl hydrocarbon systems considered in 
this work.
The slopes of the curves at infinite dilution are 
not listed here, but may be readily obtained by taking the 
logarithms of the activity coefficients at infinite dilu­
tion which are tabulated in Table Till.
The uniform trend of the maximum values of the Q 
function for the benzene-normal alcohol systems is readily 
discernible. A plot of the maximum values of the Q function 
versus number of carbon atoms in the alcohol results in a 
straight lime. If this line were extrapolated in the
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TABU X
CHARACTERISTICS OF (0*/2.303 RT) 78. COMPOSITION CURVES
System Benzene-
Value of xg for Maximum 







Value of Xj for Maximum 









direction of Increasing number of carbon atoms in the al­
cohol it would indicate a maximum excess free energy of 
zero} i.e., ideal solution beginning with the benzene-n- 
octanol system. Actually the line would be expected to 
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Is indicative of the rate at which the solutions approach 
Ideality as the molecular weight of the normal alcohol in­
creases.
For the n-alkylbensene-alcohol systems the change 
in the maximum value of the Q function with the molecular 
weight of the aryl hydrocarbon is slight. This is to be 
expected as addition of a single methyl group to benzene 
or a methylene group to the substituted radical does not 
institute a great change in structure as the characteris­
tics of the benzene ring predominate. However, the change 
from benzene to toluene would be expected to have a greater 
Influence on solution ideality than the change from toluene 
to a higher molecular weight n-alkylbenzene • Perhaps the 
low values for both the activity coefficient of infinitely 
dilute toluene in n-butanol and the maximum value of the 
Q function for„£b£s system relative to values for the other 
homologs are indicative of this change.
The maximum value of the Q function for each system
of the aryl hydrocarbon-sec-butanol series is slightly
lower than for the corresponding systems of the aryl hy-
drocarbon-n-butanol series indicative that the sec-butanol
is the less polar of the two alcohols.
S. COBRSUTIOjr OF SXC808 F B B  ENEMY AND COMPOSITION BY 
THE HRDUCH AND ESTER EQUATIONS.
The Redllch and Klster equations given as equations
(111-18) and 111-21) vara used as a mathematical expression 
of the Q function versus composition and log Vf4 versus com­
position. These equations are rewritten here*
Q  - X, Xi [b + C  * 0 CXi'Xi)*] (III-18)
+ cCtX.Xi-0 +d(Xi*i)(i-fMt} (in -2 1 )
The constant B was determined as the value of Q/x^xg 
at x1 = ig = *4, The constants C and D were then determined 
by constructing a plot of Q/x^xg versus (xi -xg), and by 
the method of least squares finding the best curve through 
the interpolated points at equal intervals. Intervals of 
Ax * 0.1 were used with the points x^ s 0, V?, and 1 being 
osiltted as the curve automatically passes through these 
points.
The values of the constants b, c, and d were deter­
mined from a plot of log 3^ versus x by the method of least 
squares, taking interpolated points at equal intervals. In­
tervals of ax - 0.1 were used with the points at infinite 
dilution being included. The determined values of the con­
stants are tabulated in Table XI. Constants determined 
from literature data for toluene-methanol and toluene- 
ethanol systems are also Included for comparative purposes.
These three-constant equations were found to be 
capable of fitting the data for these systems well. In
most cases the values of the d or D constant were small) 
but not Insignificant, ,
If the values of the empirical constants showed 
some correlation within each homologous series, the excess 
free energy as a function of composition could possibly be 
predicted for binary systems comprised of a member of the 
series and a common component by extrapolation or inter- 
polation. Plots of the empirical constants for each homo­
logous series versus number of carbon .atoms in the homolog 
indicated straight line relationships, although the data 
for benaene-n-butanol deviated slightly.
Figures 30, 31, and 32 are plots of the empirical 
constants for binary systems comprised of a member of a 
homologous series and a common component versus number of 
carbon atoms in the homolog. The straight line relation­
ship is seen to exist, at least for the members of the homo­
logous series for which data are available. Thus if data 
are available for at least two members of a homologous 
series and a common component, extrapolation of a plot of 
these constants versus the number of carbon atoms in the 
homolog could be used over limited ranges to predict the 
constants for the system comprised of a third member of 
the homologous series and the common component.
The method seems to have merit, at least for solu­
tions of aliphatic alcohols and aryl hydrocarbons, but it
It realised that it should not be expected to hold for all 
types of solutions as the characteristics of the solutions 
must depend on more than Just the number of carbon atoms 
comprising the homolog. However, in view of the few methods 
for predicting activity coefficients and excess free energy 
for cases where data are lacking this linear relationship 
may be used to advantage.
TABU XI
C0R8TANT8 FOE EMPIRICAL EQUATIONS H8LATING gE/2.303 RT AND
LOG/./K TO 00MP08ITI0N




























































^C. B. Kretschner and Richard Wleve, "Vapor-Liquid 
Equilibrium of Kthanol-Toluene Solutions," Jq u w u i  of the 
American Chemical Society. LXXE (1949), 1793.
%I. Benedict, C. A. Johnson, E. Solomon, and L. C. 
Rubin, "Extractive and Azeotropic Distillation," Tmnaantinflfl 
AattTlS*fl Ifllttttttfl SL Chemical 2aOAftfi£l» XLI (1945) , 371.
TABLE XI (continued)
CONSTANTS FOR EMPIRICAL EQUATIONS RELATING gB/2'303 RT AND
LOO *!/* TO COMPOSITION
Constants b, c and d for Normal Alcohol-Aryl Hydrocarbon 
Solutions.
Aryl n-Propyl-





Methanol c 0.193 
d 0.077
b 0.688 
Ethanol c 0.191 
d 0.107
b 0.666 
n-Propanol c 0.098 
d 0.075
b 0.494 b 0.443 b 0.443 b 0.437n-Butanol c 0.046 c 0.021 c -0.041 c -0.092d 0.110 d 0.014 d 0.036 d -0.028
b 0.315 
n-Pentanol c 0.063 
d 0.053
TABU XI (continued)
CONSTANTS FOB BMPIRXCAL EQUATIONS BSLATING gE/2.303 BT AND
LOG yt/fx TO COMPOSITION
Constant* B, C and D for sec-Butanol-Aryl Hydrocarbon 
Solutions*
Benzene Toluene Ethylbenzene
W  0.127 W 0-107
B 0.504 B 0.440 B 0.428
sec-Butanol C 0.096 C 0.059 C 0.050
C 0.142 D 0.053 D -0.049
Constants b, c, and d for sec-Butanol-Aryl Hydrocarbon 
Solutions.
Benzene Toluene Ethylbenzene
b 0.410 b 0.379 b 0.379
sec-Butanol c 0.059 c 0.022 c 0.030
d 0.004 d -0.002 d 0.009
h o  3 * 0  c u r z i i i ' N  i . r t t r n  p a p l ^
2 0 X 2 0  P E *  I NC H
E U C I N I  O I E T Z 6 E N  C O
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CHAPTER VI 
CONCLUSIONS
All the systems studied were composed of polar and 
non-polar components and exhibited varying degrees of non- 
Ideality. Azeotropes were found for those systems having 
close boiling components. The experimental results indi­
cate that for the n-alkylbenzene-alcohol series all homo­
logous aryl hydrocarbons exhibited approximately the same 
degree of non-ideality as expressed by activity coefficients 
and the excess free energy. The solutions containing n- 
butanol were slightly more non-ideal than the correspond­
ing solutions containing the sec-butanol as should be expected 
since the latter is less polar.
For the benzene-normal alcohol series the Q function 
was calculated using the data of Wehe, Gautreaux, and 
Arnold.*^® The results indicated that the maximum value 
of the Q function steadily decreased as the molecular weight 
of the alcohol increased. For the five systems for which 
data were available the maximum value of the Q function was 
a linear function of the number of carbon atoms in the al­
cohol. As the molecular weight of the alcohol increased 
the hydrocarbon characteristics of the compound became more
118
predominate. It vas Indicated that benzene-normal alcohol 
binary solutions with alcohols of higher molecular weight 
than n-octanol should approach ideality. It would be in­
teresting to see if vapor-liquid equilibrium data for the 
higher molecular weight normal alcohols and benzene still 
indicate a linear relationship for the maximum values of 
the Q function and the number of alcohol carbon atoms.
The Vehe and Coates method of correlation applicable 
to homologous series was tested for the systems for which 
experimental data were collected and gave good correlations 
for the n-alkylbenzene-n-butanol and n-alkylbenzene-sec- 
butanol series. The method had previously been tested at 
these laboratories for the benzene-normal alcohol series.
A correlation of the excess free energy and the 
ratio of the activity coefficients with composition was 
made by means of the Redlich and Kister equations for all 
the systems studied in this work. Three-constant equations 
were found capable of expressing the results satisfactorily.
Plots of the constants in these equations versus 
the number of carbon atoms in the homologous component 
gave a nearly linear relationship for each of the three 
series discussed. Extrapolation of these plots may be 
used for predicting vapor-liquid equilibrium data. Al­
though this correlation was only tested for a limited
number of oases, it seems useful, since there are few methods 
for predicting vapor-liquid equilibrium data of systems for 
which no data are available.
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a - used with subscripts as an empirical constant In
the Wohl equation and 8pinner £& equations.
A,B,C,D - empirical constants.
b,c,d - empirical constants.
d - prefixes a quantity, denotes the derivative of
that quantity.
e - base of natural logarithms; e = 2.718..,.
e.m.f. - electromotive force.
f - fugacity.
f° - fugacity of a pure component.
fir - fugacity of a pure component at pressure *ir.
f - fugacity of a pure component at its vapor pressure,
p P.
G - free energy.
G° - free energy of a pure component.
T5 - partial molal free energy.
AG^ - change in free energy which occurs upon mixing.
G® - excess free energy.
H - enthalpy.
H° - enthalpy of a pure component.
H - partial molal enthalpy.
129
AHm - change In enthalpy which occurs upon mixing.
H® - excess enthalpy of mixing, (HE sAH^).
AHV - heat of vaporisation.
K - ratio of heats of vaporization in Norrlsh and
Twlgg equation.
In - natural logarithm.
log - logarithm to the base 1 0 .
m - empirical constant in Prahl equation.
m.v. - millivolts potential.
M - empirical constant.
n - number of moles of a component.
n.b.p. - normal boiling point.
25nD - refractive index at 25°C, using the D line of
Sodium.
N - mol fraction.
p - partial pressure.
P - vapor pressure.
P' - non-ideal vapor pressure.
q - effective molal volume in the Wohl equation.
Q - Q function, defined by* Q = G®/2.303 RT.
R - gas lav constant.
S - entropy.
SE - excess entropy of mixing,
t - temperature in degrees Centigrade.
T - absolute temperature.
V - molal volume.
V- - arithmetic mean molal volume*a
AVm  - change in volume which occurs on mixing.
x - mol fraction of a component in the liquid.
x* - a specific value of the mol fraction in the Prahl
equation.
y - mol fraction of component in the vapor.
i - effective volume fraction in the Wohl equation.
z - compressibility factor.
GREEK SYMBOLS
- relative volatility.
- a specific value of the relative volatility in 
the Prahl equation.
f - activity coefficient.
6 - denotes a change.
? - denotes a partial derivative.
IK - function in Norrish and Twigg equation.
- fugacity coefficient evaluated at nr. 
i/f - fugacity coefficient evaluated at P.
'IK - total pressure.
SUPERSCRIPTS 
E - excess
° - standard state.
* - ideal conditions.
SUBSCRIPTS








component 1 , 2 or 3.
CONVERSION OF REFRACTIVE INDEX TO EQUIVALENT MOL FRACTION 
USING LAGRANGE'S METHOD OF INTERPOLATION
Illustrative example for the conversion of the refractive 
index of the vapor sample of run no. 24 of the n-propyl- 
benxene- n-butanol system to the equivalent mol fraction.
For run no. 24, n^ 5 * 1.48665 for the vapor sample.
The three nearest points in the calibration table are*
Refractive Index, n?s Mo£ Fraction’ n n-Propylbenzene
nj_ = 1.48911 Nx= 1.0000
n2 = 1«48170 N r  0.8908
n3 = 1.47171 N* = 0.7479
Lagrange's interpolation formula (three point case) 1st
M = ip - na| fo - ftaI  <n - m H n  - no) w„ (n - m)(n-
(nl- ng)(n^- n3) (n2- n^>(ng“ ^3) (n3- n|)vn3
Substituting the numerical values in this formula:
N = (0.00495) (0.01494) i .o q o q .̂ 0.8908 .(0.00741X0.01740) * * i-0.00741) ̂ 0.00999) u*oyuo
(-0.00246)(0.00495) 0.7479
(-0.01740)(-0.0009)







REFRACTIVE INDEX VERSUS COMPOSITION DATA 














































TABUS XII (continued) 
REFRACTIVE INDEX VERSUS COMPOSITION DATA
















































REFRACTIVE INDEX VERSUS COMPOSITION DATA
Refractive Index Versus Conqposition for Toluene-sec-Butanol
System




















Refractive Index Versus Composition for Ethylbenzene-sec-Butanol
System


























TABLE m i  



















Values for the normal boiling points were taken from litera­
ture references (51), (59), and (6?).
y l O X l O T y l H t ^ l N C H  3 5 9 1 1
TABLE XIV
EQUATIONS FOR CALCULATION OF THE VAPOR PRESSURE OF THE PURE 
COMPONENT AT THE EQUILIBRIUM TEMPERATURE
Equations for the aromatics are from reference (39) 
and (59)♦
Data for the calculation of the equations for the 
alcohols were taken from references (39), (51), and (67).
Benzene
Toluene
log P = 6.91210 - (5 - 104°C)
log P = 6.95334 - ^St5^ f 377 (6 - 136°C)
Ethylbenzene log P = 6.95366 - (26 - 164°C)
n-Propylbenzene log P = 6.95094 - . H " 1963 _ i88°C)
n-But and
sec-Butanol
log P = 9.1363 - 
log P = 8.9017 - 
log P = 8.5078 - 
log P = 8.6052 -
log P = 9.1211 - 












(75 - 108°C) 
(108 - 118°C) 
(118 - 140°C) 
(140 - 173°C)
(99 - 118°C) 
(118 - 148°C)
t = temperature in degrees Centigrade, 
T = temperature in degrees Kelvin.
TABLE XV
VAPOR-LIQUID EQUILIBRIUM DATA FOR BENZENE AND NORMAL ALCOHOL
BINARY SYSTEMS AT 760 mm Hg PRESSURE
A* Benzene^ - Methanolg
Reference: M. F. Gautreaux*^
Parentheses Indicate extrapolated values. 
B. Benzene-^ - Ethanolg 






0.0000 0.0000 80.1 (13.255) 1.000 0.0000
0.0015 0.0155 79.4 5.906 1.0C7 0.0040
0.0075 0.1520 74.1 14.105 1.035 0.02340.0175 0.1490 74.3 5.886 1.043 0.03150.0623 0.4617 62.7 8.031 1.021 0.0651
0.0950 0.4850 61.3 5.850 1.067 0.0984
0.1565 0.5160 59.9 4.004 1.127 0.13800.2220 0.5395 59.6 2.986 1.174 0.15970.3145 0.5855 58.2 2.421 1.260 0.18950.4110 0.5795 58.2 1.829 1.484 0.20880.5050 0.5935 58.0 1.538 1.720 0.21100.6375 0.6135 58.1 1.256 2.229 0.18930.6565 0.6175 58.1 1.227 2.334 0.18480.7560 0.6555 58.2 1.126 2.938 0.15300.8135 0.6915 58.9 1.074 3.361 0.12330.9050 0.7995 61.1 1.022 3.973 0.06540.9740 0.9440 63.6 1.001 3.707 0.0195
0.9915 0.9735 64.3 0.997 5.243 0.0048
0.9920 0.9770 64.3 1 .003. 4.835 0.0030
0.9965 0.9935 64.7 0.998 3.083 0.0008
























°C 1x QZ.2.3 RT
0.0000 0.0000 80.10 (10.48) 1.001 0.0000 (11.52)0.0048 0.0400 78.60 8.243 1.013 0.0099 8.0386
0.0085 0.0790 77.11 9.754 1.022 0.0177 10.0056
0.0190 0.1400 75.70 8.173 1.008 0.0209 8.4052
0.095C 0.2980 71.73 4.084 1.016 0.0642 4.0440
0.1720 0.3660 68.90 3.030 1.122 0.1243 2.6611
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TABUS XV (continued) 
B. Benzene^ - Ethanolg 




























































































































































































































C. Benzene^ - n-Propanolg 




C, Benzene-^ - n-Propanolg 




*2 *2 °C 2.3 RT »
0.9050 0.6565 88.90 1.011 2.761 0.0463 0.20150.9140 0.6930 90.07 1.018 2.632 0.0432 0.2159
0.9375 0.7490 91.39 1.009 2.854 0.0310 0.2005
0.9465 0.7765 92.18 1.001 2.895 0.0252 0.1980
0.9560 0.8060 92.29 1.025 3.046 0.0315 0.1929
0.9645 0.8440 93.30 1.021 2.946 0.0252 0.1992
0.9730 0.8610 93.60 1.020 3.421 0.0228 0.1719
0.9730 0.8640 94.11 1.004 3.300 0.0156 0.1763
0.9760 0.8750 94.02 1.017 3.420 0.0198 0.1721
0.9760 0.8775 94.23 1.001 3.333 0.0173 0.1761
0.9800 0.8830 94.37 1.008 3.804 0.0150 0.1540
0.9870 0.9280 95.61 1.001 3.473 0.0075 0.1698
0.9835 0.9380 95.70 1.007 3.369 0.0090 0.1760
1.0000 1.0000 97.20 1.0000 (4.031) 0.0000 (0.173)
D. Benzene^ - n-■Butanolg
Reference: X. K. Arnold76
*2 ?2
Temp.
oc Vi 2.3 RT 4*1*1
0.0000 0.0000 80.10 (3.85) 1.000 0.0000 (0.980)0.0154 0.0106 80.14 3.187 1.003 0.0090 0.6850
0.0647 0.0308 80.10 2.209 1.036 0.0366 0.4594
0.0959 0.0548 80.21 2.638 1.042 0.0564 0.5466
0.1236 0.0695 80.58 2.551 1.045 0.0672 0.5296
0.1850 0.0908 81.26 2.159 1.076 0.0876 0.44000.2356 0.1062 82.10 1.909 1.098 0.0972 0.3855
0.2963 0.1206 82.66 1.680 1.153 0.1104 0.3257
0.3267 0.1305 82.70 1.646 1.191 0.1218 0.30930.3548 0.1329 S3.29 1.503 1.216 0.1177 0.2724
0.4021 0.1504 83.54 1.485 1.277 0.1324 0.2632
0.4223 0.1466 84.48 1.321 1.289 0.1147 0.2350
0.5093 0.1706 85.79 1.212 1.417 0.1151 0.1982
0.5138 0.1836 85.54 1.296 1.418 0.1317 0.21300.5483 0.2096 87.29 1.284 1.402 0.1258 0.21840.5655 0.2003 87.12 1.199 1.482 0.1187 0.1924
0.5898 0.1952 87.48 1.102 1.563 0.1044 0.16870.6309 0.2332 88.44 1.180 1.608 0.1216 0.1779
TABiat Z7 (continued)
D. Benzene^ - n-Butanolg 
Reference* T. H. Arnold^®
Temp. 7i*2 ?2 oc
0.6408 0.2370 89.32 1.1370.7323 0.2836 92.57 1.034
0.7764 0.3278 95.18 1.0110.8107 0.3846 97.20 1.0430.8347 0.4038 98.72 0.998
0.8796 0.4761 103.13 0.9330.9042 0.5353 104.84 0.9520.9234 0.6172 106.49 1.007
0.9432 0.6610 109.72 0.9670.9617 0.7295 110.65 0.970
0.9754 0.7741 112.14 0.9590.9974 0.8775 114.86 0.9581.0000 1.0000 117.71 1.000
£. Benzene^ - n-Pentanolg
Reference: T. H • Arnold*^
Temp.
*2 ?2 °C *t
0.0000 0.0000 80.10 (2.66)0.0316 0.0072 80.81 2.1650.0633 0.0178 81.82 2.5520.0666 0.0156 81.34 2.1760.0702 0.0171 81.65 2.2290.1242 0.0266 82.65 1.8720.1806 0.0361 83.36 1.6930.1964 0.0421 84.11 1.7530.2716 0.0507 85.36 1.444
0.3363 0.0613 86.57 1.339
0.3783 0.0702 87.23 1.321
0.3910 0.0711 87.54 1.277
0.4374 0.0809 88.52 1.244
0.4624 0.0858 89.27 1.208
0.6337 0.1025 91.99 1.110
0.6304 0.1528 96.81 1.142
0.6344 0.1337 96.70 0.998
0.6760 0.1732 98.82 1.110
0.6955 0.1837 100.87 1.051
rt 2.3 RT a  1*1


















1.113 0.0770 0.14331.162 0.0859 0.1295
1.206 0.0964 0.12411.219 0.0938 0.11921.268 0.0994 0.1132
1.290 0.0974 0.1091
1.347 0.0846 0.0998
1.395 0.0897 0.10571.446 0.0579 0.08891.466 0.0845 0.10041.454 0.0645 0.0985
TABLE XV (continued)
E. Benzene! - n-Pentanolg 







































































0.976 1.547 0.0412 0.0890
0.947 1.595 0.0264 0.0873
1.037 1.549 0.0488 0.1024
1.021 1.541 0.0407 0.1036
1.002 1.593 0.0321 0.1006
1.035 1.516 0.0382 0.1126
1.042 1.425 0.0349 0.1246
1.006 1.595 0.0273 0.1063
0.978 1.656 0.0127 0.1035
1.000 1.586 0.0166 0.1135
0.968 1.482 -0.0106 0.1216
0.975 1.675 0.0061 0.1068
0.954 1.673 -0.0046 0.1066
0.951 1.722 -0.0072 0.1045
0.928 1.767 -0.0179 0.1006
0.958 1.735 -0.0062 0.1060
0.962 1.804 -0.0053 0.1031
0.951 1.966 -0.0082 0.0959
0.932 2.264 -0.0228 0.0834
0.930 2.777 -0.0264 0.0695
1.000 (2.52) 0.0000 (0.147)
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